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                 Groundwater arsenic contamination is currently a global problem, and also a concern at 
numerous former industrial sites, agricultural sites, landfill sites and mining operations in the U.S. 
This dissertation aims to develop improved strategies of remediating these arsenic contaminated 
aquifers. It focuses on two distinct approaches of remediation: (1) mobilizing arsenic from 
contaminated aquifer sediments to decrease the quantity of arsenic at the source of contamination; 
and (2) immobilizing arsenic in situ, to decrease the mobility and bioavailability of this arsenic. 
Optimal remediation may well involve combinations of these two approaches.   
                 Arsenic mobilization using oxalic acid is effective because oxalic acid dissolves arsenic 
host minerals and competes for sorption sites on those minerals. In this dissertation, oxalic acid 
treatment was tested using sediments with contrasting iron mineralogies and arsenic contents from 
the Dover Municipal Landfill and the Vineland Chemical Company Superfund sites. Oxalic acid 
mobilized arsenic from both sites and the residual sediment arsenic was less vulnerable to 
microbial reduction than before the treatment. Oxalic acid thus could improve the efficiency of 
widely used pump-and-treat remediation. Oxalic acid did not remove all of the reactive iron(III) 
minerals in Vineland sediment samples, and thus released significant quantities of arsenic into 
solution under reducing conditions than the Dover samples. Therefore, the efficacy of pump-and-
 
 
treat must consider iron mineralogy when evaluating its overall potential for remediating 
groundwater arsenic.    
                 Arsenic immobilization occurs by changing the chemical state, or speciation, of arsenic 
and other elements in the system. Arsenic is often assumed to be immobile in sulfidic 
environments. In this dissertation, sulfate reduction was stimulated in sediments from the Vineland 
Superfund site and the Coeur d'Alene mining district. Sulfate reduction in the Coeur d'Alene 
sediments was more effective at removing arsenic from solution than the Vineland sediments. The 
Vineland sediments initially contained abundant reactive ferrihydrite, and underwent extensive 
sulfur cycling during incubation. As a result, arsenic in the Vineland sediments could not be 
effectively converted to immobile arsenic-bearing sulfides, but instead a part of the arsenic was 
probably converted to soluble thioarsenates. Therefore, coupling between the iron and sulfur redox 
cycles must be fully understood for arsenic immobilization by sulfate reduction to be successful.     
                Arsenic can also be immobilized by retention on magnetite (Fe3O4). Magnetite is stable 
under a wide range of aquifer conditions including both oxic and iron(III)-reducing environments. 
In this dissertation, a series of experiments were performed with sediments from the Dover and 
Vineland Superfund sites, to examine the potential of magnetite for use in arsenic immobilization. 
Our data suggest that the formation of magnetite can be achieved by the microbial oxidation of 
ferrous iron with nitrate. Magnetite can incorporate arsenic into its structure during formation, 
forming a stable arsenic sink. Magnetite, once formed, can also immobilize arsenic by surface 
adsorption, and thus serve as a reactive filter when contaminated groundwater migrates through 
the treatment zone. Reactive transport modeling is used for investigating the magnetite based 
arsenic immobilization strategy and for scaling laboratory results to field environments. Such 
modeling suggests that the ratio between iron(II) and nitrate in the injectant regulates the 
 
 
formations of magnetite and ferrihydrite, and thus regulates the long-term evolution of the 
effectiveness of the strategy. The results from field-scale models favor scenarios that rely on the 
chromatographic mixing of iron(II) and nitrate after injection. 
                 The studies in this dissertation demonstrate that the environmental fate of arsenic 
depends on the biogeochemical cycling of arsenic, iron, and to a lesser extent, sulfur. The 
development of effective groundwater arsenic remediation strategies depends on a good 
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1.1. Arsenic Toxicity and Biogeochemistry. 
Arsenic (As) is a toxic metalloid, which naturally exists in the environment as a component of 
sediments, soils and rocks with a relatively low abundance, and also can be enriched from 
anthropogenic inputs such as As-based pesticides, mining operations, swine and poultry farming, 
coal combustion, wood treated with chromated copper arsenate, etc (Mandal and Suzuki, 2002; 
Smedley and Kinniburgh, 2002). Both acute and chronic exposure to As can lead to considerable 
human health risk. Acute exposure to a high dose can result in death (ATSDR, 2007). The most 
common route of significant chronic exposure is through consuming As-contaminated 
groundwater as drinking water. The current U.S. Environmental Protection Agency (EPA) 
drinking water standard and World Health Organization (WHO) guideline for As is 10 µg L-1 
(EPA, 2012; WHO, 2001). Chronic exposure to drinking water with As concentration exceeding 
the 10 µg L-1 guideline has been shown to be able to increase risk of skin, liver, bladder and lung 
cancers, as well as cardiovascular and respiratory diseases, and can inhibit intellectual 
development of children (ATSDR, 2007; Chen et al., 2009; Wasserman et al., 2004). 
Unfortunately, high concentration of As in groundwaters currently threatens people’s health in 
many parts of the world, especially in West Bengal, Bangladesh, Cambodia, and Vietnam 
(Mandal and Suzuki, 2002; Nordstrom, 2002; Robinson et al., 2011; Smedley and Kinniburgh, 
2002). Even in the U.S., as many as 20 million people, many getting their water from 
unregulated private wells, may be exposed to excess As in their drinking water (Smith et al., 
1992; Welch et al., 2000).  
 
Arsenic can exist in a variety of oxidation states and in numerous organic and inorganic forms, 





systems (Smedley and Kinniburgh, 2002). In natural environments, minerals play important roles 
in regulating As retention (Fendorf et al., 2010). Both arsenate and arsenite adsorb on minerals 
that are common in sediments and soils, such as iron (Fe), manganese and aluminum 
(hydr)oxides as well as clay minerals, which strongly influences As solubility, mobility and 
bioavailability (Akai et al., 2004; Fendorf et al., 2010; Postma et al., 2010; Robinson et al., 
2011). In particular, owing to their high surface areas and abundances, Fe(III) (hydr)oxide 
minerals such as ferrihydrite and goethite, are considered to be the most important As sinks. 
High concentrations of As in sediments and soils do not necessarily result in high concentrations 
of aqueous As in surrounding waters. Instead, just 1 mg kg-1 of As in aquifer sediments is still a 
substantial mass when converted into soluble form in the associated porewater (1 mg kg-1 in the 
solid phase converts to more than 6,000 µg L-1 As in porewaters assuming a typical aquifer 
porosity of 0.3), and thus can potentially contaminate the groundwater. Groundwater As 
contaminations often occur when certain geochemical conditions decrease the stability of As 
sorption to aquifer matrix, by altering the affinity of the As for the minerals and 
changing/dissolving the minerals directly (Fendorf et al., 2010; Postma et al., 2010; Quicksall et 
al., 2008; Smedley and Kinniburgh, 2002). Numerous factors can create such conditions and 
solubilize As, including redox gradients in subsurface environments, changes in pH, presences of 
certain anions and ligands, and microbial activities (Fendorf et al., 2010; Smedley and 
Kinniburgh, 2002).   
 
Redox transformations are the single most important factor that affects groundwater As levels in 
most systems. A shift from oxidizing to reducing conditions in aquifers can lead to As release 





Fe(III) (hydr)oxides decreases surface sites and subsequently mobilize adsorbed As, which 
appears to be the primary pathway responsible for groundwater As contamination (Fendorf et al., 
2010; Postma et al., 2010; Quicksall et al., 2008; Tufano and Fendorf, 2008); Sulfate reduction 
often occurs in combination or is coupled to Fe(III) reduction, and can enhance As solubility as 
thiolated As compounds (Burton et al., 2014; O'Day et al., 2004; Saalfield and Bostick, 2009); 
Reduction of As(V) to As(III) can also cause As mobilization since As(III) is often, but not 
always, more mobile in the environment (Dixit and Hering, 2003; Tufano and Fendorf, 2008). 
Some of these redox processes are primarily abiotic, but many, especially the Fe redox 
processes, are also strongly influenced by microbial activity (Akai et al., 2004; Burton et al., 
2014; Cummings et al., 1999; Fendorf et al., 2010; Melton et al., 2014). Changes in solution 
composition can also affect As adsorption through electrostatic effects, competition, or other 
factors. For example, As can be released into solution at high pH due to electrostatic repulsion 
between As oxyanions and the anionic surface sites that form at high pH (Dixit and Hering, 
2003). Various dissolved natural organic compounds (e.g., oxalate, citrate, acetate, lactate, 
formate, malonate, malate and succinate) can affect As adsorption by competition for sorption 
sites between As and organic species and by organic species-enhanced dissolution of Fe 
(hydr)oxides and other minerals (Kim et al., 2015; Shi et al., 2009). Phosphate, carbonate, and 
silicate, which are common in natural environments, can also compete with As for available 
sorption sites (Dixit and Hering, 2003; Smedley and Kinniburgh, 2002).  
 
The numerous release mechanisms that result in elevated As concentrations are intrinsically 
linked to the biogeochemical cycling of Fe, and to a lesser extent, to that of sulfur (S). The 





of the As, Fe and S biogeochemical processes, and their conjugates. The processes involved in 
remediation essentially can be thought as modifications of the release mechanisms, or as their 
conjugates (the reactions or their equivalents in reverse).  
 
1.2. Groundwater Arsenic Contamination at U.S. Superfund Sites. 
Groundwater As contamination is extensive and there are numerous contaminated sites around 
the world. Arsenic is the 2nd most common contaminant of concern at U.S. National Priorities 
List (NPL, “Superfund”) sites, with around 50% of sites are contaminated with As, much of 
which affects groundwater quality (Figure 1) (ATSDR, 2013; EPA, 2002). At many of these 
sites, groundwater As contamination is derived from anthropogenic inputs as mentioned above. 
At many other contaminated sites, there are no evidence for significant anthropogenic As inputs 
but rather naturally occurring As, and groundwater As comes from local As-containing minerals 
in the aquifer. Unfortunately, groundwater As contamination is a challenge to remediate at these 
sites. There is no active remediation strategy that targets As specifically. To date, as far as we are 
aware, no As-contaminated Superfund sites have been successfully remediated to the point 
where groundwater As levels reach or stay below 10 µg L-1. Effective treatment of As for these 
sites can be difficult, yet is urgently required. 
 
Figure 1.1. The map showing where the U.S. National Priorities List (NPL) sites (green) and the 
As-contaminated NPL sites (red) are across the country. Data in the map are from 
Comprehensive Environmental Response, Compensation and Liability Information System 







In this dissertation, we have focused our efforts on the geochemistry and remediation of two such 
Superfund sites. The Vineland Chemical Company site is one site, where As contamination was 
caused by improper storage of As-containing chemicals and waste products during the 
company’s manufacturing time (EPA, 2006). The Dover Municipal Landfill site is the other site, 
which is similar to many other Landfill sites where elevated groundwater As concentrations can 
be caused by the reducing conditions imparted from landfill leachate mobilizing As from local 
unconsolidated sediments (deLemos et al., 2006; EPA, 2011; Keimowitz et al., 2005).  
 
1.3. Groundwater Arsenic Remediation Strategies and Challenges. 
Unlike many organic contaminants which can be decomposed (and thus disappear), inorganic 
groundwater As contamination can only be treated through removal and/or transformation into 
U.S. NPL Superfund Sites having As contamination (N=823)





insoluble forms. There are many As treatment technologies (EPA, 2002). Three common ones 
are listed and discussed below: 
 
- Removal of As-contaminated soils and sediments.  
Removal of soils/sediments is a permanent remediation technology. It can directly remove As 
source from the site, thereby preventing continued contamination of the site via that source. 
However, such method is expensive in terms of operational cost, and the removed 
soils/sediments still need to be properly treated, and disposed, following treatment. Moreover, 
with extensive contamination that affects large areas, complete removal of the contaminated 
soils/sediments is not practical, especially for aquifer sediments below the water table. Thus this 
option is common for soil systems but seldom is performed within aquifers. 
 
- In situ removal of soil and sediment As.  
Pump-and-treat is an in situ soil/sediment flushing technology which decreases contaminant 
loading by mobilizing contaminants under controlled conditions. Because it can effectively limit 
groundwater migration, pump-and-treat is one of the most widely used groundwater remediation 
technologies for point-source pollution (EPA, 2003). There are currently more than 800 pump-
and-treat systems in operation at U.S. Superfund sites, requiring operation and maintenance costs 
over the lifetime of the projects. However, the effectiveness of traditional pump-and-treat for As 
remediation often progressively decreases, due to incomplete desorption and other factors.  
 





Another commonly attempted technology for remediating As-contaminated aquifers involves 
stimulating Fe mineral transformations that decrease aqueous As concentrations through 
adsorption and/or precipitation. Despite much research, these in situ As immobilization strategies 
are often difficult to develop and implement, in part because Fe minerals are often sensitive to 
redox changes in subsurface environments and thus the associated As immobilization is unstable. 
A novel As host mineral, which is stable under typical aquifer geochemical conditions and can 
be reliably produced within aquifers, therefore is required.   
 
1.4. Overarching Goal and Hypothesis. 
All of the current groundwater As remediation options are challenging to implement. This 
dissertation aims to provide the scientific underpinning for novel technologies of remediating 
groundwater As contamination. The overarching hypothesis is that the development of As 
remediation strategies depends on the surface mineralogy of the aquifer matrix and the redox 
condition of the aquifer. The chapters of this dissertation investigate issues related to very 
different enhanced remediation methods: (1) the in situ formation of iron minerals to sequester 
As (i.e. immobilization approaches) and (2) the use of a chemical amendment, oxalic acid, to 
enhance mass transfer to make pump and treatment more effective (a mobilization).  These 
different approaches may be useful at different types of contaminated sites or for different 
portions of a single site.   
 
1.5. Chapter Summaries. 
This dissertation has three sections and six chapters. In the first section (Chapter 2), we have 





release and retention under changing redox conditions. Chapter 2 describes the application of 
standard-addition method in quantifying Fe mineralogy using extended X-ray absorption fine 
structure (EXAFS) spectroscopy. The second section (Chapter 3) examines the use or chemical 
extractants to remove arsenic from sediments. Chapter 3 examines the potential of oxalic acid 
injections to improve the efficacy of  traditional pump-and-treat methods, which are widely used 
for groundwater remediation yet is often ineffective at mobilizing As. Chapter 3 also examines 
whether residual sediment As after oxalic acid treatment is still labile. The potential for this 
oxalic acid approach was initially developed by Karen Wovkulich and colleagues (Wovkulich et 
al., 2012; Wovkulich et al., 2010; Wovkulich et al., 2014). The final section (Chapters 4-6) 
examine in situ immobilization methods designed to produce mineral sulfides and redox stable 
Fe oxide assemblages including magnetite, and how they affect As retention in sediments. 
Chapter 4 and 5 use microcosm experiments to explore the potential of these methods of 
immobilizing As contamination within aquifer sediments. The method in chapter 4 is designed to 
produce reduced sulfide minerals, which is one of the most common immobilization strategies; 
whereas the method in chapter 5 is designed to produce an assemblage of Fe oxides including 
magnetite, which is stable under a wide range of geochemical conditions including those typical 
of As-contaminated aquifers. Based on promising results from chapter 5, chapter 6 uses multi-
stage one-dimensional column experiments to further refine and investigate the magnetite based 
As immobilization strategy. Guided by experimental data and hypothesized processes from the 
column study in chapter 6, chapter 7 develops a reactive transport model for the magnetite based 






Chapter 2 (“Quantifying Ferrihydrite in Sediments by the Method of Standard-Additions Using 
EXAFS Spectroscopy”) 
The poorly-crystalline Fe minerals including ferrihydrite are critical to the cycling of As in 
natural environments yet are difficult to quantify. In this chapter, standard-addition methodology 
was applied to linear combination fitting (LCF) of EXAFS analysis, to rigorously test the 
quantification method for ferrihydrite. Sediments from Bangladesh and the U.S. Superfund sites 
were spiked with ferrihydrite, goethite and magnetite in known and variable quantities. 
Evaluation of reference spectra and EXAFS-LCF fits on various samples indicated that 
ferrihydrite and microcrystalline goethite have sufficiently different EXAFS and can be 
distinguished by EXAFS-LCF. The application of standard-addition method to EXAFS-LCF 
unambiguously identified appreciable ferrihydrite in Pleistocene Bangladeshi aquifer sediment. 
The presence of ferrihydrite was also independently identified by sequential extraction. 
Significantly, these data verify the accuracy of conventional EXAFS-LCF on a single sample, 
and demonstrate that combining EXAFS with known additions of reference materials can offer a 
robust means of quantifying poorly-crystalline minerals in complex samples.   
 
Chapter 3 (“Effect of Oxalic Acid Treatment on Sediment Arsenic Concentrations and Lability 
under Reducing Conditions”)  
In this chapter, batch extraction, column, and microcosm experiments with oxalic acid treatments 
were performed in the laboratory using sediments from the Dover Municipal Landfill and the 
Vineland Chemical Company Superfund sites. Oxalic acid mobilized As from both Dover and 
Vineland sediments. The residual As in both Dover and Vineland sediments after oxalic acid 





thus potentially improve the efficiency of pump-and-treat. However, X-ray absorption 
spectroscopy analysis indicated that the Vineland sediment samples tested still contained reactive 
Fe(III) minerals after oxalic acid treatment, and thus when placed under reducing conditions 
released more As into solution than the Dover samples under the same reducing conditions. 
Therefore, the efficacy of pump-and-treat must consider sediment Fe mineralogy and the 
potential for reducing conditions to exist post-treatment when evaluating its overall potential for 
remediating groundwater As.  
 
Chapter 4 (“Arsenic Mobilization from Sediments in Microcosms under Sulfate Reduction”) and 
Chapter 5 (“Enhanced and Stabilized Arsenic Retention in Microcosms through the Microbial 
Oxidation of Ferrous Iron by Nitrate”) 
In these two chapters, aquifer sediments from the Vineland Chemical Company Superfund site 
were used in a series of laboratory microcosms and amended with various combinations of 
sulfate, nitrate, Fe(II)(aq) (as ferrous sulfate) and lactate. The evolution of solution composition 
and sediment mineralogy/speciation were traced concurrently for these microcosms. The 
synthesis of the data documented both the failure of a treatment option that is commonly used - 
sulfate & lactate, for precipitation of metal sulfides, and the success of an effective new option - 
nitrate & Fe(II)(aq), for Fe mineral synthesis including magnetite. The microcosm study 
represents our initial attempt to produce a magnetite-based Fe mineral assemblage under 
circumneutral conditions, and sequester As even under prolonged Fe reduction. It essentially 
brings up the possibility of applying the nitrate-Fe(II) treatment as an efficient long-term As 
immobilization technology, once optimized to increase yields of magnetite and to enhance As 






Chapter 6 (“Magnetite Formation and Arsenic Immobilization through the Oxidation of Ferrous 
Iron by Nitrate: A Column Study”) and Chapter 7 (“Modeling of Iron Mineral Transformation 
and Arsenic Fate under the Oxidation of Ferrous Iron by Nitrate”) 
In chapter 6, a series of columns, loaded with reduced aquifer sediments from the Dover Landfill 
Superfund site, was conducted. This study was designed to stimulate the formation of Fe oxide 
assemblage including As-bearing magnetite, to test its ability of maintaining As retention, and 
then to evaluate its capability of sequestering additional As. Our data demonstrate that the 
adsorption capacity and the stability of solid-phase As greatly increased in amended sediments. 
The Fe oxide assemblage formed within the amended sediments appears to behave as a dispersed 
reactive filter that continues to remove As from solution for extended periods of time. These 
findings suggest that the Fe oxide assemblage that includes magnetite, produced via 
simultaneous addition of Fe(II) and nitrate, is a promising target mineral assemblage for long-
term As remediation. Reactive transport modeling is then used in chapter 7 for the magnetite 
based As immobilization strategy. Our modeling results suggest that the ratio between Fe(II) and 
nitrate in the injectant regulates the extent and distribution of magnetite and ferrihydrite 
assemblage formation, and thus regulates the long-term potential of As immobilization. Field-
scale model scenarios are also developed to predict and compare the impact of chemical and 
operational parameters on the efficiency of the remediation technology. The modeling results 
favor scenarios that rely on the chromatographic mixing of Fe(II) and nitrate after injection. This 
method of reactive transport modeling allows us to scale laboratory results to field environments 






While further research is warranted, the studies presented in this dissertation provide new 
approaches for remediating As-contaminated aquifers. The observations and insights from these 
studies should also, hopefully, improve our understanding of the complex biogeochemical and 
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Poorly-crystalline iron (Fe) minerals including ferrihydrite are critical to the cycling of Fe and 
many other elements, yet are difficult to quantify. Extended X-ray absorption fine structure 
(EXAFS) spectroscopy has been used to speciate sediment/soil Fe, but thought to have difficulties 
in distinguishing ferrihydrite from other Fe minerals including goethite. Here, we applied standard-
addition methodology to linear combination fitting (LCF) of EXAFS analysis, to rigorously 
quantify ferrihydrite in sediments from Bangladesh and the United States. Sediments were spiked 
with ferrihydrite, goethite and magnetite in known and variable quantities. Homogenization of 
spiked sediments was assessed through linearity of the standard-additions. Evaluation of reference 
spectra and EXAFS-LCF fits on various samples indicated that ferrihydrite and microcrystalline 
goethite have sufficiently different EXAFS and can be distinguished by EXAFS-LCF. The 
application of standard-addition method to EXAFS-LCF unambiguously identified appreciable 
ferrihydrite in Pleistocene Bangladeshi aquifer sediment. The presence of ferrihydrite was also 
independently identified by sequential extraction but at lower concentration, in the unspiked 
sediment and the spiked standard-additions. Significantly, these data verify the accuracy of 
conventional EXAFS-LCF on a single sample, and demonstrate that combining EXAFS with 
known additions of reference materials can offer a robust means of quantifying poorly-crystalline 







Ferrihydrite is a nanocrystalline/amorphous Fe(III) oxyhydroxide common in the natural 
environment, a critical adsorbent, and susceptible to redox changes (Childs, 1992; Cornell and 
Schwertmann, 2003; Drits et al., 1993; Gustafsson et al., 2009; Hiemstra, 2013; Michel et al., 2007; 
Poulton et al., 2004; Willett et al., 1988) . Ferrihydrite has a surface area up to 800 m2 g-1, meaning 
that if present in sediments and soils, it is often a significant carrier for various metal(loid)s and 
nutrients, including arsenic and phosphorus, and affects the turnover of organic carbon (Childs, 
1992; Hiemstra, 2013; Michel et al., 2007; Torn et al., 1997; Willett et al., 1988). Ferrihydrite is 
also the most bioavailable Fe mineral for dissimilatory Fe(III)-reducing bacteria (Hansel et al., 
2005; Postma et al., 2010; Poulton et al., 2004). The transformation of ferrihydrite, even to its 
more crystalline analogue, goethite, can significantly decrease surface area and liberate sorbed 
species (Postma et al., 2010; Poulton et al., 2004; Robinson et al., 2011; Willett et al., 1988). 
Quantifying the presence of ferrihydrite, and differentiating it from goethite and other Fe minerals, 
thus is necessary to understand the biogeochemical cycles of Fe and numerous other 
environmentally relevant elements.   
 
Traditional techniques often have difficulties in quantifying Fe mineralogy in complex 
assemblages. Bulk X-ray diffraction (XRD) is insensitive to poorly crystalline minerals such as 
ferrihydrite or to trace constituents. Scanning and transmission electron microscopy can 
characterize ferrihydrite, but they are qualitative and not suited to samples with low concentrations 
of ferrihydrite (Akai et al., 2004; Childs, 1992). Mӧssbauer spectroscopy can detect low 
concentrations of Fe minerals including ferrihydrite, but its specificity is insufficient for 





2003). EXAFS spectroscopy is sensitive and element-specific, and it can probe local atomic 
structure even in non-crystalline phases (O'day et al., 2004). EXAFS has been often used to 
speciate Fe in sediments and soils, typically through linear combinations of reference spectra or 
theoretical shell-by-shell fitting (Hansel et al., 2005; Karlsson et al., 2008; Schroth et al., 2009). 
However, the capability of EXAFS to distinguishing between minerals having similar structures, 
e.g., ferrihydrite and goethite (O'day et al., 2004; Schroth et al., 2009), has been questioned. 
 
One way to assess the reliability of Fe EXAFS is to examine the spectra of mixtures with known 
composition. In this way, O’Day et al, 2004 (O'day et al., 2004) verified the accuracy of EXAFS 
on interpreting Fe sulfide and non-sulfide mixtures. However, few studies have assessed its 
performance using minerals mixed within the same structural class. Standard-addition 
methodology improves the assessment by mixing reference materials into natural samples. The 
methodology involves analyzing the original sample and samples spiked and then homogenized 
with known and variable quantities of ferrihydrite or other minerals. The relationship between 
instrument responses and the quantities of added ferrihydrite can then be used to calculate the 
original sample concentration. Such methods overcome matrix effects and spectral interferences 
(Harris, 2010), and thereby provide more reliable results than fitting single spectra. Although 
standard-addition methods have been widely used to analyze solutions and can be combined with 
quantitative XRD (Harris, 2010; Hughes et al., 1994; Steenbruggen and Hollman, 1998), to date 
their application to solid-phase EXAFS analysis remains unexplored.   
 
This study applies standard-addition methodology to synchrotron-based EXAFS linear 





mixtures. Minerals used for spiking include ferrihydrite, goethite, and magnetite, all of which 
belong to the structural class of Fe (oxyhydr)oxides. Mineral compositions determined by EXAFS-
LCF using standard-additions are compared with those determined by conventional approach of 
data reduction, and further compared with those determined independently by sequential extraction. 
Binary known mineral mixtures were also examined. These results help better assess the efficacy 
of conventional EXAFS-LCF, and explore the potential of standard-addition methods in 
quantifying poorly crystalline minerals in complex samples.            
 
2.2. MATERIALS AND METHODS  
2.2.1. Natural Sediments.  
Two aquifer sediment samples were selected for this study, one from the fluvial floodplain of 
central Bangladesh and the other from the Dover Municipal Landfill Superfund Site in New 
Hampshire, USA. Pleistocene-aged orange aquifer sediment were obtained from the village of 
Purinda in Araihazar upazila, Bangladesh (23.8541°N, 90.6354°E) (Horneman et al., 2004; 
Mihajlov et al.; Zheng et al., 2005). A borehole was drilled at this location using the traditional 
hand-flapper method. A 30 cm long, 1.8 cm ID sediment core was recovered at ~18 m depth from 
this borehole with a manual push corer (AMS 424.45). The sediment core, with top and bottom 
several centimeters discarded, was then immediately capped, wrapped with electrical tape, sealed 
and refrigerated in a nitrogen-flushed airtight Mylar bag with oxygen adsorbents (Sorbent 
Systems). Sediment were also obtained for Fe EXAFS analysis from the borehole into 
polypropylene tubes, coated with glycerol (50%, v/v) to prevent exposure to oxygen and preserve 
reduced Fe minerals, sealed and refrigerated in another nitrogen-flushed airtight Mylar bag with 





landfill perimeter by sonic vibration drilling. Immediately after retrieval, the sediment were 
homogenized, sealed in a metal can (~0.004 m3) and refrigerated. The Bangladesh sediment are 
composed of orange-colored sand, whereas the Dover sediment are composed of gray-colored fine 
sand and silt. X-ray fluorescence (XRF) analysis using an InnovX Delta instrument indicated that 
they both have bulk Fe concentration of 2.0% (concentrations reported in this study are all on a 
dry mass basis). Recovery of Fe with the same instrument was between 93 and 102% for five 
certified reference materials.  
 
2.2.2. Pure Iron Oxide Minerals.  
Synthetic ferrihydrite and goethite were prepared following Schwertmann and Cornell, 2000 
(Schwertmann and Cornell, 2000): Ferrihydrite was prepared by precipitating ferric nitrate with 
potassium hydroxide at pH 7-8; goethite was prepared by oxidizing ferrous sulfate in the presence 
of carbonate at pH 6-7, which according to Schwertmann and Cornell, 2000 (Schwertmann and 
Cornell, 2000), resembles goethites from various natural environments. Both minerals were freeze 
dried and stored as powder. Mineral identities were confirmed by XRD analysis as 2-line 
ferrihydrite and microcrystalline goethite (with Scherrer crystallite size of 28 nm), respectively 
(Supporting Information (SI) Figure S1). Natural magnetite was obtained from Ward's Scientific, 
and was ground to powder with an agate mortar-and-pestle before use.   
 
2.2.3. Preparation of Standard-Addition Samples and Mineral Mixtures.  
The Bangladesh sediment from the core were freeze dried and mortar-and-pestle ground for an 
hour before use, producing homogenized powder. A 1 g subsample of the powder were used as the 





accurately quantify ferrihydrite, 20 g of the powder were spiked with five increments of known 
quantities of ferrihydrite and then re-homogenized by mortar-and-pestle grinding, with 1 g 
removed after each increment (addition) and used as one of the standard-addition samples. This 
process achieved an added Fe concentration ranging from 2000 mg kg-1 to 9000 mg kg-1. To help 
examine the effectiveness of Fe EXAFS analysis in separating potentially interfering species and 
to help identify artifacts if any, another 20 g of the powdered Bangladesh sediment were used for 
being spiked with three combinations of both ferrihydrite and goethite, with an added Fe 
concentration ranging from 6000 mg kg-1 to 9000 mg kg-1. To enable comparison of preparation 
methods, 100 g of the moist Dover sediment were taken from the container and used directly 
without prior drying or grinding, and the original sediment and spiked mixtures were homogenized 
by stirring with a polypropylene spatula. The Dover samples were prepared with additions of 
ferrihydrite and magnetite to better predict adsorption properties (Sun et al.). A 1.5 g subsample 
of the homogenized moist sediment were used as the unspiked Dover sediment sample. 30 g of the 
moist sediment were spiked with five increments of ferrihydrite with 1.5 g removed after each 
increment, achieving an added Fe concentration ranging from 2000 mg kg-1 to 8000 mg kg-1. 
Another 30 g were used for being spiked with three combinations of both ferrihydrite and 
magnetite, with an added Fe concentration ranging from 4000 mg kg-1 to 6000 mg kg-1. Each of 
the Dover samples was then coated with glycerol (50%, v/v). The remainder of the 100 g moist 
Dover sediment (~38.5 g) was weighed before and after oven drying, to determine the water 
content (23.6%) and correct dry weight factor. Five binary mixtures, either ferrihydrite-goethite as 
dry samples or ferrihydrite-magnetite as glycerol-coated samples, were also prepared in known 
ratios. Formulas FeO14(OH)2·0.74H2O, FeOOH and Fe3O4 were used for ferrihydrite, goethite and 





quantities of mineral additions. (Exact quantities of additions are in SI Table 1-3.) All these 
samples were sealed in polypropylene tubes, refrigerated prior to analysis, and analyzed by 
EXAFS within 48 hours following preparation.  
 
2.3.4. Iron EXAFS Spectra Collection and Processing.  
Iron EXAFS analysis was carried out at the Stanford Synchrotron Radiation Laboratory (SSRL) 
on Beamlines 11-2 and 4-1, equipped with a 100- and 32-element Ge detector, respectively. The 
monochromator crystal used was Si(220) with phi angle of 90 degrees. Soller slits were installed 
to minimize the effects of scattered primary radiation. The beam was detuned as needed to reject 
higher-order harmonic frequencies and prevent detector saturation. Scans were calibrated to Fe K-
edge of Fe metal (7112 eV) using a metal foil placed between the second and third ionization 
chambers. A subset of each sample was sealed in Kapton tape and mounted between the first and 
second ionization chambers, and sample spectra were obtained in fluorescence mode in 
combination with a 6 μx Mn filter.   
 
Spectra were processed in SIXpack (Webb, 2005) unless mentioned otherwise. Averaged Fe K-
edge EXAFS spectra were normalized with linear pre-edge and quadratic post-edge functions. 
Normalized spectra were converted to k3-weighted chi functions with a threshold energy (E0) of 
7124 eV. Principal component analysis (PCA) was applied on sample k3-weighted spectra. Target 
transform was subsequently done for the significant components against a spectral library of Fe 
mineral references, which was collected and processed in a consistent fashion. Only target 
transforms having SPOIL values < 6 were considered as potential references (Beauchemin et al., 





goethites in our spectral library were compared (details about the minerals are in SI Table S4). For 
more comprehensive comparison, besides of k3-weighted chi functions, these EXAFS spectra were 
also subjected to Fourier transform (FT) and continuous Cauchy wavelet transform (CCWT). 
While FT converts EXAFS over k-space (photoelectron wavevector) into radial structure functions 
(RSFs) over R-space (interatomic distance in the structure, uncorrected for phase-shifts of 
backscattering atoms), CCWT resolves EXAFS spectra in k- and R-spaces simultaneously and 
allows visualization of the energies where backscattering takes place that produce the FT peaks 
(Karlsson et al., 2008; Munoz et al., 2003). CCWT-EXAFS spectra were obtained using a Python 
script adapted from Newville, 2013 (Newville, 2013). Once the references were selected, least-
squares LCF was done on k3-weighted EXAFS spectra over k-range of 2 to ~13 Å−1, to determine 
the relative fraction of each reference that contributes to sample spectra. Uncertainties reported by 
SIXpack include error propagation from fitting, spectral noise in sample and reference spectra, and 
similarities between reference spectra (Webb, 2005). The fractions and uncertainties were reported 
in the unit of mol% Fe, and if needed, converted to concentrations by multiplying bulk Fe 
concentrations and expressed in the unit of mg Fe per kg sediment, i.e., mg kg-1.  
 
For each set of standard-additions, a linear regression model was generated between the added 
concentrations of analyte, xi, and the apparent (i.e., initial and added) concentrations determined 
by EXAFS-LCF, yi. The initial concentration in the sample, the absolute value of the x-intercept 
of this regression, was then calculated (extrapolated) by dividing the y-intercept by the slope of 
the regression line. Uncertainty in the initial concentration determined by standard-additions was 
















𝑚2 ∑(𝑥𝑖 − ?̅?)2
           (1) 
where N is the number of data points, m and b are the slope and y-intercept, and x̅ and y̅ are the 
average x- and y-values.   
 
2.3.5. Iron Sequential Extraction and Analysis.  
After EXAFS analysis, the unspiked and spiked Bangladesh samples were subjected to sequential 
extraction, to assess the contribution of different Fe minerals. The Dover samples prepared above 
were not used because they were glycerol-coated or oven-dried. Instead, moist Dover sediment 
were taken from the same container, freeze-dried, ground to powder, and used in sequential 
extraction. The extraction scheme is based on Poulton and Canfield, 2005 (Poulton and Canfield, 
2005) (SI Table S5). Extractions were conducted with a dry mass size of ~150 mg and an extractant 
volume of 10 mL, at room temperature in constantly agitated polyethylene centrifuge tubes. At the 
end of each extraction, suspensions were centrifuged at 4000 rpm for 10 min. The solids were then 
treated with the next extractant and supernatants were filtered to 0.2 μm. Diluted supernatants were 
analyzed by inductively coupled plasma mass spectrometry (Thermo Fisher Scientific Element 
XR) for dissolved Fe concentrations. Germanium was added to each sample as an internal standard. 
57Fe and 73Ge were used for quantification. A six-point calibration curve and three quality controls 
were run once every 21 samples. Recoveries of Fe were 100% ± 5% for the quality controls.  
 
2.3.6. Powder X-ray Diffraction. 
Powder XRD analysis was also carried out, to assess sediment bulk mineralogy and test the 





diffractometer, equipped with a PIXcel1D detector and a rotating sample stage. The diffractometer 
used Cu K-alpha radiation (λ = 1.5406 Å) and scanned over 2-theta range from 4 to 80 degrees, 
with a step size of 0.013 degree and a counting time of 1 min per step.   
 
2.4. RESULTS 
2.4.1. Selection of Iron Mineral References.  
For unknown multi-mineral assemblages, the accuracy and precision of EXAFS-LCF and the 
detection limit for individual minerals depend on the proper identification of minerals present and 
inclusion of their spectra as reference spectra. PCA and target transform assisted in selecting the 
reference spectra to be included in EXAFS-LCF, and SPOIL values < 6 indicate statistical 
significance (Beauchemin et al., 2002; Strawn and Baker, 2009) (SI Table S6). For samples 
derived from Bangladesh sediment, ferrihydrite and microcrystalline goethite had SPOIL values 
of 2.91 and 4.45, respectively; hematite, magnetite, Fe-bearing silicates, mackinawite, and siderite 
also had SPOIL values < 6 and were acceptable references. For samples derived from Dover 
sediment, ferrihydrite and magnetite had SPOIL values of 1.45 and 1.92, respectively, and the 
same combination of references was selected. (EXAFS reference spectra are in SI Figure S2.)   
 
To properly select the reference spectra for goethite, it is important to choose crystal morphologies 
that closely resemble that of natural mineral forms, and to determine whether those forms differ 
sufficiently from ferrihydrite. We therefore compared EXAFS spectra of ferrihydrite and four 
environmentally relevant goethites which vary with crystallite size and morphology (Figure 1). 
Variations between EXAFS spectra were observed over the k-range of 5 – 10 Å−1, where Fe 





oxyhydroxides are roughly the same, the Fe-Fe shells in microcrystalline goethite have higher 
amplitudes than those in ferrihydrite and can easily be differentiated from ferrihydrite in fitting. 
At the same time, microcrystalline goethite has particle sizes and morphologies closest to natural 
goethites (Bertsch and Seaman, 1999; Schwertmann and Cornell, 2000) (for example, Figure 1E 
and 1F). EXAFS spectra of nanocrystalline goethite, on the other hand, looks similar to EXAFS 
spectra of ferrihydrite. Micro-goethite, therefore, was selected as the goethite EXAFS reference 
and included in the fitting.   
 
2.4.2. Iron Mineralogy of Unspiked Sediment.  
For unspiked Bangladesh and Dover sediments, XRD analysis could not identify ferrihydrite or 
any other Fe mineral (SI Figure S3), whereas Fe EXAFS-LCF fits and sequential extractions 
provided two independent means of analyzing Fe mineralogy. For Bangladesh sediment, EXAFS-
LCF indicated a ferrihydrite concentration of 12700 ± 1700 mg kg-1 and a goethite concentration 
of 1740 ± 660 mg kg-1 (SI Table S1 and Figure S4). Glycerol-coated Bangladesh sediment from 
the same borehole were also analyzed by EXAFS-LCF and indicated similar Fe mineralogy (SI 
Figure S5). For Dover sediment, EXAFS-LCF indicated a ferrihydrite concentration of 8140 ± 
1690 mg kg-1 and a magnetite concentration of 0 ± 470 mg kg-1 (SI Table S2 and Figure S6). 
Compared to EXAFS-LCF fits, sequential extractions indicated broadly similar mineralogy for 
Bangladesh sediment, but indicated much lower quantity of ferrihydrite for Dover sediment (SI 
Table S7 and Figure S7).  
 





Binary known mixtures, either ferrihydrite-magnetite or ferrihydrite-goethite, were examined to 
determine if ferrihydrite can be quantified by EXAFS-LCF in the presence of goethite and 
magnetite.  To test the robustness of EXAFS-LCF, fits were initially performed with the two exact 
end-member spectra, and then with all the environmentally relevant mineral spectra that were used 
to fit natural samples (SI Table S3 and Figure S8). In either case, EXAFS-LCF fits agreed with 
known composition (Figure 2). Using additional reference spectra, EXAFS-LCF correctly 
excluded four minerals that were not present but incorrectly indicated a small amount (4% on 
average) of Fe silicates.    
 
2.4.4. Iron Mineralogy Quantified By Standard-Addition Methodology.  
Standard-additions coupled with EXAFS-LCF were used as an improved method to quantify Fe 
(oxyhydr)oxides in natural samples. For Bangladesh sediment, EXAFS-LCF fits on samples with 
ferrihydrite added in known quantities (i.e., ferrihydrite standard-additions) indicated an initial 
ferrihydrite concentration of 13200 ± 2000 mg kg-1 (Figure 3A), and fits on goethite standard-
additions indicated an initial goethite concentration of 2680 ± 910 mg kg-1 (Figure 3B). Standard-
addition methods were also coupled to sequential extractions, to provide an independent measure 
of ferrihydrite concentrations. Measurements based on the hydroxylamine-HCl extractions on 
ferrihydrite standard-additions indicated an initial ferrihydrite concentration of 6810 ± 1360 mg 
kg-1 (Figure 4A). Both EXAFS-LCF and extractions positively responded to the mineral additions 
to the Bangladesh sediment, whereas XRD patterns for all these samples were nearly identical (SI 






Dover sediment was also characterized using standard-addition methods. EXAFS-LCF fits on the 
spiked Dover standard-additions, on the whole, indicated lower initial ferrihydrite concentration 
than fits on the single unspiked sample (Figure 5A). If the unspiked sample was excluded, EXAFS-
LCF fits on ferrihydrite standard-additions indicated an initial ferrihydrite concentration of 1020 
± 1000 mg kg-1. However, there is a relatively large amount of scatter in the standard-addition data 
points around the linear regression line. EXAFS-LCF fits on magnetite standard-additions 
indicated an initial magnetite concentration of 130 ± 300 mg kg-1 (Figure 5B). 
 
2.5. DISCUSSION 
2.5.1. Comparison of Methods of Quantifying Ferrihydrite. 
Ferrihydrite was detected by conventional Fe EXAFS-LCF in the Bangladesh sediment which 
contain a suite of Fe minerals. If the detected ferrihydrite was not another mineral or a fitting 
artifact, that result is important because it could confirm the presence of ferrihydrite in Pleistocene 
aquifers in Bangladesh. If ferrihydrite did not form in situ recently, it could even suggest that a 
reactive Fe mineral can persist for long periods of time in tropical environments.  
 
To determine if the ferrihydrite in natural sediments was actually detected, EXAFS-LCF was first 
performed on known mineral mixtures. The data indicate that binary mixtures of ferrihydrite with 
micro-goethite and other Fe oxide minerals could be correctly quantified using EXAFS-LCF 
(Figure 2), even if their spectral similarity can complicate such differentiation (O'day et al., 2004). 
EXAFS-LCF fits with additional mineral reference spectra agreed with those with the two end-
member spectra, which further indicates the robustness of EXAFS-LCF and, to some extent, the 






When unknown complex samples are fit using reference spectra, the accuracy of the EXAFS-LCF 
fits relies on the choice of representative references. Conventional EXAFS-LCF depends on using 
the correct combination of individual references, something that often requires independent 
methods to ascertain the occurrence of specific minerals. Crystal morphology, color and other 
properties provide useful means of selecting mineral references, but the choice of Fe silicates is 
particularly complex in that a diverse suite of Fe-bearing silicate minerals can be present in 
sediments and soils (Bertsch and Seaman, 1999), many of which co-occur, and are 
spectroscopically distinct and might not be easily described by a small set of references. A key 
advantage of standard-addition methodology is that errors caused by the choice of Fe silicate 
minerals in fitting are distributed uniformly over all samples, and thereby the accuracy instead 
relies on whether the technique is able to respond systematically to the additions of known 
reference materials.   
 
Combining EXAFS-LCF with standard-addition methods enables a regression of known mineral 
additions to instrument response (EXAFS-LCF fits). For Bangladesh sediment, the regression 
model between the added concentrations of ferrihydrite and the apparent concentrations 
determined by EXAFS-LCF show good linearity and slopes close to 1 (Figure 3A). The regression 
model for ferrihydrite was not affected by including or excluding the samples simultaneously 
spiked with goethite. Furthermore, with changing the quantities of goethite, the fits of ferrihydrite 
stayed stable and constant (Figure 3A and SI Table S1). Such consistency suggest that EXAFS-
LCF could successfully identify and quantify ferrihydrite in complex mineral assemblages, even 





increased with each ferrihydrite addition, the fits of the other Fe minerals including Fe silicates 
remained nearly identical (SI Table S1), indicating that they did not bias fits. For Bangladesh 
sediment, the initial ferrihydrite concentration determined by EXAFS-LCF standard-additions 
agreed with the concentration determined by the conventional approach on a single unspiked 
sample (Table 1). Importantly, although the uncertainty in initial ferrihydrite concentration is not 
necessarily smaller than conventional approach, the concentration and uncertainty determined by 
standard-additions are unaffected by the selection of other references and thus probably more 
reliable.   
 
Sequential extraction provided an independent means of analyzing Fe mineralogy. Even though 
the method of chemical extraction is known to have certain limitations (Bacon and Davidson, 2008; 
Gleyzes et al., 2002), it is unique in that extraction steps can correspond to the reactivities of 
specific mineral classes (Poulton and Canfield, 2005). For Bangladesh sediment, hydroxylamine-
HCl extractable Fe increased proportionally with increased ferrihydrite addition (Figure 4A). 
Calculated ferrihydrite concentrations based on extractions were somewhat lower than those 
determined by EXAFS-LCF fits (Figure 4B and 4C). We attribute the lower concentrations to 
incomplete extractions from the samples, something that is commonly observed in extractions 
(Bacon and Davidson, 2008; Gleyzes et al., 2002). Nevertheless, similar to EXAFS-LCF, 
hydroxylamine-HCl extractions also suggest the presence of significant quantity of ferrihydrite in 
this well-preserved sediment core section from a Pleistocene Bangladesh aquifer (Table 1).  
  
The Dover sample is a gray colored, reduced sediment that contains relatively little Fe(III) and, 





with little or no ferrihydrite being present in the sample (Figure 5A). This was supported by 
sequential extractions of the unspiked Dover sediment. The difference between ferrihydrite 
concentrations determined using conventional EXAFS-LCF approach and standard-additions 
(Table 1), may reflect sediment heterogeneity, variable spectral quality, or potentially 
measurement or fitting errors. The ferrihydrite concentrations derived from Dover standard-
additions were less linear and more variable than those derived from Bangladesh standard-
additions. This is likely a result of difficulties with homogenizing small volumes of solid materials, 
especially when they contain clay. The comparison to the Bangladesh standard-additions where 
there was less scatter implies that grinding instead of simply stirring with a spatula is a better 
method for homogenization, and that solid-phase standard-addition method is a novel, useful 
method when homogenization can be achieved. The limitations due to heterogeneity may also 
partially explain why the well-known standard-addition method is not commonly applied to solid-
phase analyses.    
 
2.5.2. Adequacy of EXAFS in Distinguishing Between Different Goethites.  
The initial concentration of goethite in Bangladesh sediment determined by EXAFS-LCF 
standard-addition method was higher than concentration determined using conventional EXAFS-
LCF of an unspiked sample (Figure 3B, a slope of 0.57). This apparent disagreement can be 
explained by difference between the crystallinity of sediment goethite and that of the goethite used 
for spiking. The goethite used for spiking is synthetic micro-goethite, and the goethite EXAFS 
reference spectra used was also collected on (an earlier batch of) synthetic micro-goethite. 
Although such goethite in theory represents various natural goethites (Bertsch and Seaman, 1999; 





composition and structure (and reactivity). A natural mineral thus often cannot be completely 
described by a single mineral spectrum. As seen in Figure 1, two natural goethites in our collection 
have similar Fe EXAFS with micro-goethite, yet have smaller Fe-Fe shell or shorter Fe-Fe path 
indicative of smaller particle sizes.   
 
If both micro-goethite and nano-goethite are present in the sample, including only one goethite in 
EXAFS-LCF would likely result in an underestimation of goethite and an overestimation of 
ferrihydrite concentrations. One potential solution is to include both micro- and nano-goethite as 
mineral references. EXAFS of the Bangladesh goethite standard-additions were re-analyzed for 
comparison (Figure 3C, SI Table S8). The new regression model for goethite (combining fit 
fractions of both micro- and nano-goethite) has a slope of 0.82, which is much closer to 1 than fits 
using only micro-goethite. The new fits indicate an initial goethite concentration of 3430 ± 1170 
mg kg-1 from conventional approach and 3540 ± 2960 mg kg-1 from standard-additions. Using both 
references allows the differentiation of goethite based on crystallinity, and suggest that the nano-
goethite concentration in Bangladesh sediment is about 2000 mg kg-1, which previously was fit as 
ferrihydrite. If only nano-goethite is used in fitting, it leads to unstable fits for goethite and other 
Fe minerals (SI Table S8).   
 
EXAFS-LCF fits that include nano-goethite in addition to ferrihydrite and micro-goethite, 
especially when combining standard-additions, may provide more mineralogical information than 
has previously been possible. However, this approach should be used with caution in light of its 
increased complexity. The inclusion of more mineral references in EXAFS-LCF, especially 





(Figure 3C). Given that nano-goethite probably behaves in natural environment more similarly to 
ferrihydrite than to relatively stable goethite (Postma et al., 2010), it is probably unnecessary to 
include nano-goethite in fitting. EXAFS-LCF with the reference spectra of ferrihydrite and micro-
goethite is a more practical method of interpreting EXAFS spectra. Accordingly, ferrihydrite 
quantified by this (practical) way may not solely represent ferrihydrite but reactive Fe(III) 
oxyhydroxides more generally (Figure 3A).  
 
2.6. IMPLICATIONS   
This study verifies the accuracy of conventional Fe EXAFS-LCF on a single sample. It suggests 
that it is critical to recognize which forms of minerals could be present in a sample and 
appropriately select reference spectra for EXAFS-LCF to be effective. Moreover, this study 
represents an initial attempt to explore the application of standard-addition methodology to Fe 
EXAFS-LCF analysis (and also to sequential extraction) using complex natural samples. Such 
application provides an advanced means of detecting poorly crystalline minerals when accurate 
quantification of their presences is required. It improves our ability to understand mineralogical 
component fractions in sediments and soils, and allows robust interpretation of their environmental 
meaning. Although the focus of this study is Fe oxides, especially ferrihydrite, our general 
observations regarding quantification should be transferable to EXAFS-based analysis of other 
mineral phases.    
 
The study examined sediments from a low-arsenic Pleistocene Bangladesh aquifer. Pleistocene 
aquifers serve as critical drinking water resources in Bangladesh and throughout Southeast Asia, 





Horneman et al., 2004; Mihajlov et al.; Zheng et al., 2005). Exploitation of deeper groundwater, 
however, can cause leakage of shallow contaminated groundwater into Pleistocene aquifers 
(Harvey et al., 2002; van Geen et al., 2013). Although arsenic transport can be retarded though 
sorption (Mihajlov et al.; van Geen et al., 2013), such leakage potentially induces migration of 
reactive organic carbon and bacteria into Pleistocene aquifers, and subsequently accelerates Fe(III) 
(and arsenic(V)) reduction and arsenic in-situ release (Dhar et al., 2011; McArthur et al., 2010; 
Robinson et al., 2011). Current information concerning Pleistocene aquifer Fe mineralogy, which 
affects both arsenic retardation and reductive release, is sparse. Despite the broad consensus that 
Fe(III) oxyhydroxides are more prevalent in Pleistocene aquifers than in Holocene aquifers, easily 
reducible ferrihydrite is often assumed to be absent (Jessen et al., 2012; Polizzotto et al., 2006). 
This study confirms the presence of ferrihydrite and suggests that its concentration could even be 
appreciable. This points out the need to better understand the distribution of ferrihydrite in these 
Pleistocene aquifers, and its role in controlling arsenic transport and exposure.  
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2.8. Tables and Figures. 
 
Table 2.1. Comparison between different methods for quantifying ferrihydrite, in Bangladesh and 


























Figure 2.1. (A) k3-weighted EXAFS spectra of ferrihydrite and goethites, over k range of 2 – 13 
Å-1. (B) Corresponding radial structure functions, over R range of 0.5 – 4 Å. (C)-(G) 
Corresponding CCWT-EXAFS images, plotted as a function of k on x-axis, R on y-axis, and 
CCWT modulus as colors (and contours). Colors in (C)-(G) are scaled to the same range. 
 










Figure 2.2. Comparison between known fractions of minerals and those determined by EXAFS-
LCF, for binary mixtures of ferrihydrite, goethite and magnetite. For each sample, left column: 
known fractions – Expected, middle column: EXAFS-LCF using two end-member reference 
spectra – Two stds, right column: EXAFS-LCF using all the environmentally relevant reference 
spectra – Env stds. 
 


































Figure 2.3. Relationships between added concentrations of (A) ferrihydrite (B)(C) goethite, and 
the apparent concentrations determined by EXAFS-LCF standard-additions, for Bangladesh 
sediment. Blue solid lines represent linear regressions; blue dashed lines, if shown, represent 95% 
confidence bands. In (C), nano-goethite was also included in LCF, the two bars in the middle are 
horizontally offset for clarity. 
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Figure 2.4. Relationships between (A) added (B) EXAFS- determined concentrations of 
ferrihydrite, and the concentrations solubilized by hydroxylamine-HCl extractions, for the 
unspiked and spiked Bangladesh samples. (C) Comparison between Fe mineralogy determined by 
extraction and by EXAFS-LCF. For extraction, fractions of total extracted Fe were used. Fractions 
determined by EXAFS-LCF were re-calculated correspondingly.  
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Figure 2.5. Relationships between added concentrations of (A) ferrihydrite (B) magnetite, and the 
apparent concentrations determined by EXAFS-LCF standard-additions, for Dover sediment. In 
(A), the open square marker represents the unspiked sediment, which was not used for regression. 
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Table S2.1. Iron mineral compositions in the unspiked and spiked Bangladesh sediment samples, 
determined by Fe EXAFS-LCF analysis. All concentrations are on a dry mass basis. Reduced χ2 
of the fits are listed for evaluating fit quality. 
 
 
   
Sample ID





















Bangladesh unspiked 0 0 12700 ±1700 1740 ±660 0 ±350 390 ±500 1070 ±290 1960 ±620 2060 ±930 0.85
Bangladesh Fh-low 1953 0 14700 ±1600 1040 ±590 130 ±320 0 ±460 0 ±260 790 ±560 5110 ±840 0.58
Bangladesh Fh-low-med 3845 0 15300 ±1900 1720 ±700 720 ±380 800 ±540 570 ±310 0 ±650 4530 ±990 0.58
Bangladesh Fh-med 5748 0 16700 ±2300 1800 ±890 800 ±480 770 ±690 1160 ±400 0 ±840 4170 ±1270 0.83
Bangladesh Fh-med-high 7517 0 18200 ±2500 3500 ±930 500 ±510 490 ±730 0 ±420 0 ±890 4430 ±1340 0.67
Bangladesh Fh-high 9268 0 21500 ±2600 3230 ±990 0 ±550 990 ±770 600 ±450 0 ±950 2540 ±1440 0.77
Bangladesh Fh-low-Gt-low 3054 2951 13600 ±2300 2820 ±870 440 ±470 1410 ±660 880 ±390 0 ±820 6580 ±1240 0.75
Bangladesh Fh-low-Gt-high 3054 5736 14400 ±2800 5020 ±1040 1350 ±560 1090 ±830 930 ±460 0 ±980 5640 ±1470 0.93
Bangladesh Fh-high-Gt-low 5708 2951 17500 ±2400 3150 ±920 280 ±500 370 ±710 380 ±410 0 ±870 6540 ±1310 0.74
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Table S2.2. Iron mineral compositions in the unspiked and spiked Dover sediment samples, 
determined by Fe EXAFS-LCF analysis. All concentrations are on a dry mass basis. Reduced χ2 

























Dover unspiked 0 0 8140 ±1690 0 ±660 0 ±330 0 ±470 1490 ±270 1490 ±570 8720 ±850 0.75
Dover Fh-low 1625 0 1970 ±1540 2370 ±600 0 ±300 570 ±430 940 ±250 600 ±510 15000 ±800 0.51
Dover Fh-low-med 3146 0 7630 ±1700 960 ±660 40 ±330 300 ±470 930 ±270 890 ±570 12100 ±800 0.58
Dover Fh-med 4808 0 8990 ±1550 190 ±610 40 ±300 350 ±430 1680 ±250 560 ±520 12700 ±800 0.50
Dover Fh-med-high 6420 0 10800 ±2200 0 ±1010 0 ±510 390 ±730 1600 ±410 760 ±860 12500 ±1300 0.93
Dover Fh-high 7935 0 10300 ±2000 1000 ±780 80 ±420 320 ±600 1370 ±350 0 ±740 14400 ±1100 0.59
Dover Fh-low-Mgt-low 1565 2021 3120 ±1810 1730 ±710 0 ±360 2810 ±500 1710 ±290 750 ±600 13200 ±900 0.53
Dover Fh-low-Mgt-high 1565 4045 2160 ±2140 1490 ±850 240 ±420 4440 ±600 830 ±340 0 ±720 16100 ±1100 0.59
Dover Fh-high-Mgt-low 3088 2021 7230 ±1580 1450 ±620 0 ±320 2190 ±440 1100 ±250 40 ±530 12800 ±800 0.47
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Table S2.3. Iron mineral compositions in binary mixtures of ferrihydrite, goethite and magnetite, 
both actual and those determined by Fe EXAFS-LCF analysis. (Top) EXAFS-LCF was done with 
the two end-member spectra. (Bottom) EXAFS-LCF was done with all the environmentally 
relevant reference spectra used for natural sediments. 
 
 
   
Sample ID
Mineral added Composition determined by EXAFS-LCF EXAFS-LCF
Fh Gt/Mgt Ferrihydrite Micro-Goethite Magnetite Reduced χ2
Fh-med-Gt-med 47% 53% 47% ±4% 53% ±2% 0.56
Fh-high-Gt-low 65% 35% 58% ±5% 42% ±3% 0.58
Fh-med-Mgt-med 51% 49% 58% ±5% 42% ±2% 0.51
Fh-low-Mgt-high 34% 66% 34% ±5% 66% ±3% 0.61
Fh-high-Mgt-low 68% 32% 74% ±6% 26% ±3% 0.80
Sample ID
Mineral added Composition determined by EXAFS-LCF EXAFS-LCF
Fh Gt/Mgt Ferrihydrite Micro-Goethite Hematite Magnetite Mackinawite Siderite Fe silicates Reduced χ2
Fh-med-Gt-med 47% 53% 44% ±7% 51% ±3% 0% ±1% 3% ±2% 1% ±1% 1% ±2% 0% ±4% 0.55
Fh-high-Gt-low 65% 35% 53% ±9% 45% ±4% 0% ±2% 0% ±3% 0% ±1% 0% ±3% 2% ±5% 0.59
Fh-med-Mgt-med 51% 49% 52% ±9% 0% ±4% 0% ±2% 42% ±3% 0% ±2% 0% ±3% 6% ±5% 0.52
Fh-low-Mgt-high 34% 66% 36% ±10% 0% ±4% 0% ±2% 60% ±3% 0% ±2% 0% ±4% 4% ±6% 0.62
Fh-high-Mgt-low 68% 32% 72% ±9% 0% ±5% 0% ±2% 21% ±3% 0% ±2% 0% ±4% 7% ±6% 0.82
53 
Table S2.4. Information about individual ferrihydrite (Fh) and goethite (Gt) minerals on which we 
collected Fe EXAFS spectra. The spectra are shown in Figure 1 in the main manuscript. Synthetic 
minerals were made according to Schwertmann and Cornell, 2000 (Schwertmann and Cornell, 
2000).  
 
   





dark red, on 
quartz grains
nanocrystalline
synthetic, precipitate ferric nitrate with 
potassium hydroxide at pH 7-8, mix with 







yellow, on quartz 
grains
microcrystalline
synthetic, oxidize ferrous sulfate in the 
presence of carbonate at pH 6-7, mix 










massive mineral, collection of Dept.
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orange, on quartz 
grains
nanocrystalline
synthetic, oxidize ferrous chloride in the 
presence of carbonate at pH 6-7, mix 
with quartz, and freeze dried
--
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Table S2.5: Iron sequential extraction steps used in this study. The extraction scheme is based on 
Poulton and Canfield, 2005 (Poulton and Canfield, 2005). Each extraction step was repeated once 




Step Extractant Time Target phase Corresponding mineral(s)
wash 1 mol L-1 magnesium chloride adjusted to pH 7 with sodium hydroxide 2 h Exchangeable Fe --
1 1 mol L-1 sodium acetate adjusted to pH 4.2 with acetic acid 24 h Fe carbonates Siderite
2 1 mol L-1 hydroxylamine-hydrochloride in 25% v/v acetic acid 48 h Amorphous Fe oxides Ferrihydrite
3 50 g L-1 sodium dithionite buffered to pH 4.8 with acetic acid/sodium citrate 2 h Crystalline Fe oxides Goethite and hematite
4 0.2 mol L-1 ammonium oxalate/0.17 mol L-1 oxalic acid 6 h Recalcitrant Fe oxides Magnetite
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Table S2.6: Results from target transform for sample Fe EXAFS spectra. Target transform was 
performed using 7 principle components (variance explained = 91%) for samples derived from 
Bangladesh sediment, and 7 principle components (variance explained = 92%) for samples derived 
from Dover sediment. The SPOIL values were evaluated, to determine whether the given reference 
spectra were statistically significant (SPOIL < 6) or insignificant (SPOIL > 6) (Beauchemin et al., 





SPOIL Values for the Target Transforms (References)
Ferrihydrite Micro-Goethite Hematite Magnetite Mackinawite Siderite Biotite Hornblende
Bangladesh Set 2.91 4.45 5.99 5.62 3.81 3.50 2.56 2.96
Dover Set 1.45 2.23 4.62 1.92 4.80 2.70 1.39 3.21
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Table S2.7. Iron mineral compositions determined by Fe sequential extraction. The unspiked and 
spiked Bangladesh sediment samples used in extraction were aquilots from the same samples used 
for EXAFS. Dover EXAFS samples were not used in extractions because they were glycerol-
coated. Instead, the unspiked Dover sediment sample was another sample from the same paint can 
containing the sediment retrieved from field. Dissolved Fe concentrations in extractions were 
determined by ICP-MS. Each sample was run three times and averaged. Standard deviations 
between three runs were not reported in the table but were usually within 1%. Recoveries of Fe on 
quality controls were 100% ± 5%.  So for Fe concentrations solubilized by the extractions, no more 






















Bangladesh unspiked 0 0 0 377 481 7770 3620 1550 6100
Bangladesh Fh-low 1953 0 0 85 1340 10000 3840 2120 4380
Bangladesh Fh-low-med 3845 0 0 50 1690 10900 3440 1500 6020
Bangladesh Fh-med 5748 0 0 65 1790 13000 3540 1360 5640
Bangladesh Fh-med-high 7517 0 0 258 2300 17600 3430 1300 2290
Bangladesh Fh-high 9268 0 0 101 2600 18500 3560 1550 2480
Bangladesh Fh-low-Gt-low 3054 2951 0 57 1230 11600 5550 1310 5920
Bangladesh Fh-low-Gt-high 3054 5736 0 317 1820 13200 6260 1370 5440
Bangladesh Fh-high-Gt-low 5708 2951 0 144 1500 15100 4600 1360 5530
Dover unspiked 0 0 0 222 2300 1420 2030 2130 11800
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Table S2.8. (Top) Iron mineral compositions in the unspiked Bangladesh sediment and spiked 
samples with both ferrihydrite and goethite, determined by Fe EXAFS-LCF when including nano-
crystalline goethite as one additional reference. (Bottom) Use nano-crystalline goethite as the 




























Bangladesh unspiked 0 0 10100 ±2400 1260 ±940 2160 ±680 0 ±360 360 ±540 830 ±310 1890 ±620 3310 ±980 0.82
Bangladesh Fh-low-Gt-low 3054 2951 11600 ±3200 3010 ±1270 3590 ±930 290 ±490 1120 ±740 0 ±430 0 ±850 6110 ±1330 0.76
Bangladesh Fh-low-Gt-high 3054 5736 13700 ±3300 2460 ±1270 5910 ±930 530 ±480 30 ±760 0 ±420 0 ±840 5760 ±1320 0.89
Bangladesh Fh-high-Gt-low 5708 2951 16400 ±3500 1470 ±1300 2290 ±1030 550 ±540 380 ±830 560 ±480 0 ±950 6610 ±1480 0.87
Sample ID




















Bangladesh unspiked 0 0 11900 ±1700 1580 ±860 0 ±330 540 ±500 820 ±290 2370 ±550 2660 ±900 0.87
Bangladesh Fh-low-Gt-low 3054 2951 12600 ±2500 3760 ±1210 1010 ±470 2210 ±720 0 ±410 0 ±780 6070 ±1280 0.80
Bangladesh Fh-low-Gt-high 3054 5736 19300 ±2500 1990 ±1200 1150 ±470 320 ±730 0 ±410 0 ±780 5570 ±1280 0.88
Bangladesh Fh-high-Gt-low 5708 2951 20400 ±2800 1210 ±1340 710 ±530 0 ±800 540 ±460 0 ±860 5360 ±1420 0.87
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Figure S2.1. (Left panel) Raw XRD pattern over 2θ range of 4˚ to 80˚ of ferrihydrite and goethite 
synthesized in this study. These samples were examined using Cu K-alpha radiation (λ = 1.5406 
Å) by a PANalytical X’pert3 Powder diffractometer, equipped with a PIXcel1D detector and a 
rotating sample stage. The step size was 0.013 degree, and the counting time was 1 min per step. 




Based on XRD patterns, the mineral identities were confirmed as 2-line ferrihydrite and 
microcrystalline goethite. 
 






0.94 × 1.5406 Å
0.3° × 𝑐𝑜𝑠 (21.3°/2)
=
0.94 × 1.5406 Å
0.0052 𝑅𝑎𝑑𝑖𝑎𝑛𝑠 ×  𝑐𝑜𝑠 (0.1859 𝑅𝑎𝑑𝑖𝑎𝑛𝑠)
= 281 Å
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Figure S2.2. Iron EXAFS spectra of the references. These spectra were collected and processed 


















Figure S2.3. (Raw) XRD pattern over 2θ range of 4˚ to 80˚ of the (unspiked) Bangladesh and 
Dover aquifer sediment samples. The Bangladesh sample used in XRD was aquilots from the same 
sample used for EXAFS. Dover EXAFS sample was not used because it was glycerol-coated. 
Instead, the Dover sample was another sample from the same paint can containing the sediment 
retrieved from field. An identification search match of the various phases present in the samples 




XRD analysis indicates that the Bangladesh and Dover aquifer sediment samples have similar 
bulk mineralogy: both of the samples are dominated by quartz with small quantities of feldspar, 
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Dover Landfill Superfund site, US
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Figure S2.4. Iron EXAFS spectra and fits of unspiked and spiked Bangladesh samples. Open dots: 
sample spectra; solid lines: fits. 
  









+ 1953 mg Fe in ferrihydrite/kg sediments
Bangladesh Fh-low-med:
Bangladesh sediments 
+ 3845 mg Fe in ferrihydrite/kg sediments
Bangladesh Fh-med:
Bangladesh sediments 
+ 5748 mg Fe in ferrihydrite/kg sediments
Bangladesh Fh-med-high:
Bangladesh sediments 
+ 7517 mg Fe in ferrihydrite/kg sediments
Bangladesh Fh-high:
Bangladesh sediments 
+ 9268 mg Fe in ferrihydrite/kg sediments
Bangladesh Fh-low-Gt-low:
Bangladesh sediments 
+ 3054 mg Fe in ferrihydrite/kg sediments
+ 2951 mg Fe in goethite/kg sediments
Bangladesh Fh-low-Gt-high:
Bangladesh sediments 
+ 3054 mg Fe in ferrihydrite/kg sediments
+ 5736 mg Fe in goethite/kg sediments
Bangladesh Fh-high-Gt-low:
Bangladesh sediments 
+ 5708 mg Fe in ferrihydrite/kg sediments
+ 2951 mg Fe in goethite/kg sediments
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Figure S2.5. (Left Panel) Iron EXAFS spectra and fits of the glycerol coated Bangladesh sediment 
samples and the freeze dried and ground sample from the sediment core. Open dots: sample spectra; 





Results indicated that these samples had similar Fe mineral compositions. Therefore, 
preservation of the sediment core, freeze drying and grinding did not change Fe mineralogy of 

















































Figure S2.6. Iron EXAFS spectra and fits of unspiked and spiked Dover samples. Open dots: 
sample spectra; solid lines: fits. 
 









+ 1625 mg Fe in ferrihydrite/kg sediments
Dover Fh-low-med:
Dover sediments 
+ 3146 mg Fe in ferrihydrite/kg sediments
Dover Fh-med:
Dover sediments 
+ 4808 mg Fe in ferrihydrite/kg sediments
Dover Fh-med-high:
Dover sediments 
+ 6420 mg Fe in ferrihydrite/kg sediments
Dover Fh-high:
Dover sediments 
+ 7935 mg Fe in ferrihydrite/kg sediments
Dover Fh-low-Mgt-low:
Dover sediments 
+ 1565 mg Fe in ferrihydrite/kg sediments
+ 2021 mg Fe in magnetite/kg sediments
Dover Fh-low-Mgt-high:
Dover sediments 
+ 1565 mg Fe in ferrihydrite/kg sediments
+ 4045 mg Fe in magnetite/kg sediments
Dover Fh-high-Mgt-low:
Dover sediments 
+ 3088 mg Fe in ferrihydrite/kg sediments
+ 2021 mg Fe in magnetite/kg sediments
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Figure S2.7. Iron mineral compositions in (unspiked) Bangladesh and Dover aquifer sediment 
samples, determined by Fe EXAFS-LCF and sequential extraction. For sequential extraction, 
fractions of total extracted Fe (i.e., siderite + ferrihydrite + goethite + hematite + magnetite) were 




Compared to EXAFS-LCF fits, sequential extractions indicated broadly similar mineralogy for 


























Figure S2.8. Iron EXAFS spectra and fits of binary mixtures of ferrihydrite, goethite and 
magnetite. Open dots: sample spectra; solid lines: fits. (Left Panel) EXAFS-LCF was done with 
two ‘end-member’ reference spectra; (Right Panel) EXAFS-LCF was done with all the 







k (Å -1) k (Å -1)
Fh-med-Gt-med:
47% ferrihydrite + 53% goethite
Fh-high-Gt-low:
65% ferrihydrite + 35% goethite
Fh-med-Mgt-med:
51% ferrihydrite + 49% magnetite
Fh-low-Mgt-high:
34% ferrihydrite + 66% magnetite
Fh-high-Mgt-low:
68% ferrihydrite + 32% magnetite
66 
Figure S2.9. Raw XRD patterns of the unspiked and spiked Bangladesh samples. Samples used in 
XRD analysis were aquilots from the same samples used for EXAFS. (A) The patterns are plotted 
separately for each sample. (B) The patterns are plotted all together. 
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+ 3054 mg Fe in ferrihydrite/kg sediments
+ 5736 mg Fe in goethite/kg sediments
Bangladesh Fh-high-Gt-low:
Bangladesh sediments 
+ 5708 mg Fe in ferrihydrite/kg sediments




































































Degrees - 2q - Cu Ka 












This figure shows that despite of ferrihydrite and goethite additions, XRD patterns for the 
unspiked Bangladesh aquifer sediment and 8 different spiked samples are nearly identical.   
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 Arsenic mobilization from aquifer sediments by oxalic acid addition was examined. 
 Sediments from two distinct As-contaminated U.S. Superfund sites are studied. 
 Oxalic acid is a promising amendment for enhanced pump-and-treat at both sites.  
 Residual sediment As after treatment is less vulnerable to microbial reduction. 






Oxalic acid enhances arsenic (As) mobilization by dissolving As host minerals and competing 
for sorption sites. Oxalic acid amendments thus could potentially improve the efficiency of 
widely used pump-and-treat (P&T) remediation. This study investigates the effectiveness of 
oxalic acid on As mobilization from contaminated sediments with different As input sources and 
redox conditions, and examines whether residual sediment As after oxalic acid treatment can still 
be reductively mobilized. Batch extraction, column, and microcosm experiments were performed 
in the laboratory using sediments from the Dover Municipal Landfill and the Vineland Chemical 
Company Superfund sites. Oxalic acid mobilized As from both Dover and Vineland sediments, 
although the efficiency rates were different. The residual As in both Dover and Vineland 
sediments after oxalic acid treatment was less vulnerable to microbial reduction than before the 
treatment. Oxalic acid could thus improve the efficiency of P&T. X-ray absorption spectroscopy 
analysis indicated that the Vineland sediment samples still contained reactive Fe(III) minerals 
after oxalic acid treatment, and thus released more As into solution under reducing conditions 
than the Dover samples. Therefore, the efficacy of P&T must consider sediment Fe mineralogy 
when evaluating its overall potential for remediating groundwater As.  
 
KEYWORDS 




3.2. INTRODUCTION  
Groundwater arsenic (As) contamination is currently a global public health problem and also a 
concern at hundreds of U.S. Superfund sites (EPA, 2002; Smedley and Kinniburgh, 2002). At 
many of these sites, groundwater As is derived from anthropogenic As inputs, such as 
manufacturing and using As-based chemicals, mining, and swine and poultry farming (Smedley 
and Kinniburgh, 2002). At other contaminated sites, there are no anthropogenic As inputs but 
rather naturally occurring As, and groundwater As is mobilized from local host minerals in the 
sediments via reduction of As-bearing Fe(III) (oxyhydr)oxides, oxidation of As-bearing sulfides, 
and competitive desorption from phosphate and other similar ions; these mechanisms can be 
triggered or intensified by human activities (Couture and Van Cappellen, 2011; deLemos et al., 
2006; Keimowitz et al., 2005; Smedley and Kinniburgh, 2002). Formulating remedial options at 
such distinct sites needs to consider these differences (Leist et al., 2000).  
 
Pump-and-treat (P&T) is widely used for groundwater remediation of point-source pollution, 
because it limits groundwater migration, and decreases contaminant loading by mobilizing 
contaminants under controlled conditions (EPA, 2003). There are currently more than 700 P&T 
systems in operation at U.S. Superfund sites, requiring operation and maintenance costs over 
the lifetime of the projects (EPA, 2007). However, the effectiveness of traditional P&T for As 
remediation often progressively decreases due to incomplete desorption and other factors. 
Additions of amendments such as oxalic acid (H2C2O4) that enhance As mobilization from the 
aquifer matrix are potentially useful to improve P&T efficiency. Oxalic acid is biodegradable 
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and relatively inexpensive, and can be found naturally in environments at concentrations up to 4 
mM (Fox and Comerford, 1990; Reichard et al., 2007; van Hees et al., 2000; Yu et al., 2013). It 
can complex and dissolve Fe (oxyhydr)oxides and aluminum (Al) (oxyhydr)oxides, which are 
often the major As host minerals in aquifers, and can also compete with As oxyanions for 
sorption sites (Bauer and Blodau, 2006; Kim and Baek, 2015; Kim et al., 2015; Lee et al., 2007; 
Mohapatra et al., 2005; Panias et al., 1996; Reichard et al., 2007; Shi et al., 2009). Our previous 
studies (Wovkulich et al., 2012; Wovkulich et al., 2010; Wovkulich et al., 2014) have shown 
that oxalic acid can accelerate As mobilization from sediments at laboratory to pilot field scales 
at the Vineland Chemical Company Superfund site, a site with As derived from industrial 
sources. Given its promising potential in use for enhanced P&T, the transferability of oxalic 
acid to other sites is worth exploring. Furthermore, any residual sediment As following P&T is 
still a substantial As reservoir. Whether this residual As can potentially continue to contaminate 
the groundwater also requires careful investigation.  
 
The objectives of this study were (i) to investigate the effect of oxalic acid on As mobilization 
at sites with different As input sources and redox conditions; (ii) to examine the impact of 
microbial reduction on residual sediment As after oxalic acid treatment; and (iii) to inform the 
prospects for remediating groundwater As contamination using oxalic acid. In this study, 
sediments from the Dover Municipal Landfill and Vineland Chemical Company Superfund sites 
were collected and characterized by different techniques including synchrotron based X-ray 
absorption spectroscopy (XAS), and laboratory batch extractions, column flow-through 
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experiments and microcosm incubations were performed on these sediments. 
 
3.3. MATERIAL AND METHODS 
3.3.1. Site and Sample Information.  
The Dover Municipal Landfill Superfund Site. The Dover site (Dover, New Hampshire) was 
classified as a Superfund site in 1983, with the primary constituents of concern being volatile 
organic compounds (VOCs) and As (EPA, 2011). There is no known anthropogenic As source at 
this site, and this landfill site is similar to other landfill sites where elevated groundwater As 
concentrations were caused by the reducing conditions beneath the landfill mobilizing As from 
unconsolidated local sediments (deLemos et al., 2006; Keimowitz et al., 2005). Traditional P&T 
and vapor extraction were chosen as the remediation strategies for the Dover site in 2009, and 
following that decision, a network of extraction wells was installed in 2011 along the 
down-gradient toe of the landfill. Groundwater VOC concentrations have decreased owing to 
successful vapor extraction, natural attenuation and degradation processes associated with 
flushing. Groundwater As concentrations, however, have not decreased and some wells have 
dissolved As concentrations up to 150 μg L-1. The aquifer sediments used in this study were 
collected when extraction wells EW1 and EW8b were installed at the southwest and southeast 
toe, respectively. The sediments were collected immediately following sonic vibration drilling, 
as top (6-9 m below ground surface (BGS)), middle (9-12 m BGS) and bottom (12-15 m BGS) 
sediments. Once collected, the sediments were homogenized and refrigerated in steel cans with 
epoxy liners (0.004 m3 each), and returned to laboratory for experiments. Aliquots of the 
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sediments were preserved in glycerol (to prevent exposure to oxygen and preserve oxidation 
state) and frozen for XAS analysis. Aliquots of the sediments were also freeze-dried for X-ray 
diffraction (XRD) and X-ray fluorescence (XRF) analyses, and oven-dried to determine water 
content.  
 
The Vineland Chemical Company Superfund Site. Arsenic contamination at the Vineland site 
(Cumberland County, New Jersey) was caused by improper storage of As-containing chemicals 
and waste products. The sediments used in this study were collected from the aquifer and the 
vadose zone during several remediation activities, representing a subsample of concentrations 
present prior to the remediation activities being completed. Descriptions of the site and 
sediment collection procedures have been published in detail elsewhere (Sun et al., accepted; 
Wovkulich et al., 2012; Wovkulich et al., 2010; Wovkulich et al., 2014). Vineland sediments 
were handled in a similar fashion to Dover sediments.  
 
3.3.2. Artificial Groundwater Preparation. 
Synthetic solution media was prepared freshly before each experiment, which began with 
typical groundwater composition (Benner et al., 2002; Saalfield and Bostick, 2009) — artificial 
groundwater (A-GW) and then processed further as needed with additional chemical 
amendments, pH adjustment and/or nitrogen gas (N2, ultra-high purity) purging. The A-GW 
consisted of Milli-Q water (18.2 MΩ) amended with 0.02 mM NH4Cl, 1 mM KCl, 0.4 mM 




3.3.3. Batch Extractions. 
In each extraction, 2 g of wet sediments were combined with 10 mL of ambient extraction 
solution. The extraction solutions included 1 mM, 10 mM, and 100 mM oxalic acid containing 
A-GW. The extraction solutions were used both without pH adjustment, which had pH 3.1, 2.2, 
1.4, respectively, and with pH adjustment (with NaOH or HCl). The suspensions were shaken in 
polyethylene centrifuge tubes at room temperature for 24 hours. At the end of the extraction, the 
suspension pH was measured and the suspensions were then centrifuged. The supernatants were 
filtered to 0.2 μm through nylon membrane syringe filters (Whatman) and analyzed by 
inductively coupled plasma mass spectrometry (ICP-MS) for trace metal composition. 
 
3.3.4. Column Set-up and Flow Condition. 
To conduct column experiments, Dover sediments were homogenized and mixed with 
autoclaved sand (50%/50% w/w dry mass, pure sand from Acros Organics, 40-100 mesh) to 
improve flow properties. The sediments were homogenized in an anaerobic glove box filled 
with a 95%/5% N2/H2 mixture, and then wet-packed into three identical sections of 
polycarbonate tube (McMaster-Carr) with 1 cm ID and 0.3 cm walls (Supplementary Material 
(SM) Figure S1). Glass wool was packed into each end to help distribute solution over the full 
cross sectional area of the columns. Column lengths packed with sediments were 15 cm. One of 
the three columns was used for determining effective porosity using a bromide breakthrough 
curve, which was estimated to be 0.29, similar to the Dover site (between 0.20 and 0.33). The 
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other two columns were treated simultaneously with pH 7.0 A-GW or 10 mM oxalic acid 
containing A-GW, respectively. The pH 7.0 A-GW was buffered with 10 mM PIPES, whereas 
10 mM oxalic acid containing A-GW was unbuffered and had pH 2.2. The influents were 
purged with N2 throughout the experiment. The columns were oriented vertically with flow 
going up. The flow was controlled by a peristaltic pump (ISMATEC) at 1 m day-1, to mimic the 
groundwater velocity during P&T cycles. To condition the columns and remove suspended 
sediments, both columns started with pH 7.0 A-GW influent for about 2 pore volumes (PVs). 
Then, one of the columns continued with pH 7.0 A-GW influent for 40 PVs, and is referred to 
hereafter as column A-GW; the other column switched to oxalic acid influent for 40 PVs, and is 
referred to hereafter as column OX. A fraction collector (LKB Bromma) was used for collecting 
column effluents. Some effluent samples were measured for pH immediately following 
collection. The other effluent samples were filtered to 0.2 μm and analyzed by ICP-MS.  
 
3.3.5. Microcosm Incubations. 
Microcosm experiments were performed to study the effect of oxalic acid treatment on 
sediment As release under reducing conditions. These microcosms were performed by first 
treating the sediments with oxalic acid, and then adding lactate to a suspension of the treated 
sediments as described below. For each sediment sample, 12 g of wet sediments were combined 
with 90 mL of N2-purged 10 mM oxalic acid containing A-GW, purged with N2 for another 15 
min before sealed, and reacted at room temperature in constantly agitated high-density 
polyethylene bottles. After 24 hours, the suspensions were centrifuged, and the supernatants 
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were filtered to 0.2 μm and analyzed by ICP-MS. This extraction process was repeated on the 
sediments to increase the amount of As extracted, and the resulting treated sediment sample was 
immediately washed with N2-purged pH 7.0 A-GW. The washed sediments was then divided 
into six identical 30 mL serum bottles each of which was added with 15 mL of N2-purged 10 
mM Na-lactate containing pH 7.0 A-GW. Lactate concentration was elevated to stimulate 
microbial respiration and create reducing conditions. Each bottle was purged with N2 for 
another 15 min and sealed with gas-tight blue butyl rubber septa. These microcosms were 
placed on an orbital shaker at 100 rpm and incubated at room temperature for up to 3 months 
until sampling. At each sampling event, one of the six microcosms of each sediment sample 
was sacrificed for ICP-MS analysis. Control microcosms with untreated sediments were run in 
parallel. 
 
3.3.6. Analytical Procedures. 
Solid-Phase Characterization. The freeze-dried sediments were powdered using an alumina 
shatter box (Angstrom, Inc.) before being analyzed. Sediment bulk mineralogy was determined 
by XRD (Panalytical X’Pert). XRD patterns over 2-theta angle of 2° to 60° were collected, and 
constituent minerals were identified using MDI Jade 6 (Materials Data Incorporated). Sediment 
bulk elemental concentrations were determined by XRF spectroscopy (Spectro Xepos) 
(Wovkulich et al., 2014). XRF accuracy for As and Fe were within 100 ± 6% and 100 ± 10%, 




Sediment As and Fe speciation/mineralogy were investigated by As X-ray absorption near edge 
structure (XANES) spectra and Fe extended X-ray adsorption fine-structure (EXAFS) spectra, 
respectively. The analysis was carried out at the Stanford Synchrotron Radiation Laboratory 
(SSRL) on beamlines 11-2 and 4-1. The beamlines each was configured with a Si(220) 
monochromator and a phi angle of 0 degrees. Sample spectra were collected with a Ge detector 
in fluorescence mode, in combination with a 6 μx Ge filter for As spectra or a 6 μx Mn filter for 
Fe spectra. Normalized As XANES spectra were compared with reference spectra of 
Na-arsenate, Na-arsenite and orpiment (As2S3). The k
3-weighted chi functions of Fe EXAFS 
spectra were fitted using reference spectra of ferrihydrite, goethite, hematite, magnetite, 
mackinawite, siderite and Fe-containing silicates. Least-squares linear combination fitting was 
used to quantify the fraction of each reference in the sample. Other As and Fe reference 
compounds were considered but not needed for fitting based on statistical filters (based on 
target transforms) nor did they result in better or stable fits. The spectra processing was done in 
SIXpack (Webb, 2005). 
 
Aqueous Analysis. Trace metal compositions in solution samples were determined by Element 
XR ICP-MS (Thermo Fisher Scientific) using previously published procedures (Sun et al., 
accepted; Sun et al., submitted). Quantification for each element was based on comparison to a 
six-point standard curve from a multi-element standard. Accuracy was within 100 ± 5% for 




3.3.7. Thermodynamic Modeling. 
Visual MINTEQ (Gustafsson, 2005) was used for calculating equilibrium oxalate speciation 
(oxalate2-, H-oxalate- and H2-oxalate) in the batch extraction solutions. Equilibrium pHs used 
for the calculation were the pHs measured at the end of 24 hour extraction. 
 
3.4. RESULTS 
3.4.1. Sediment Characterization.  
The Dover sediment samples are composed of gray-colored sand with lesser quantities of slit 
and clay, and the content of clay increases with depth. Based on XRD, the sediment samples all 
have similar bulk mineralogy, with mostly quartz and small quantities of clay minerals, feldspar 
and mica (SM Figure S2). Bulk sediment As and Fe concentrations are between 2.4 and 12.7 
mg kg-1 and between 1.77 and 5.37%, respectively, with concentrations increasing with depth 
(Table 1). Based on As XANES, Dover sediments contain a mixture of arsenate and arsenite 
with the fraction of arsenite also increasing with depth (Figure 1). Based on Fe EXAFS, Dover 
sediments contain mainly non-reactive Fe-containing silicates (on average, 65 mol% Fe), with 
lesser quantities of Fe(III) oxyhydroxides and Fe(II) carbonates and sulfides (Table 2). Overall, 
Dover sediments from two locations EW1 and EW8b are similar. 
 
Vineland sediments are coarser, contain more As, and are more oxidized than Dover sediments. 
The orange Vineland sediments are nearly pure quartz based on XRD (Sun et al., accepted; 
Wovkulich et al., 2010). The Vineland aquifer and vadose sediments contain 101 and 374 mg 
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kg-1 of As and 0.11 and 0.46% of Fe, respectively (Table 1). The sediments have As present 
primarily (> 95%) as arsenate and Fe mineralogy dominated by Fe(III) oxyhydroxides, 
especially ferrihydrite (Figure 1 and Table 2).  
 
Table 3.1. Bulk sediment As and Fe concentrations of the sediment samples used in the 
experiments, on a dry mass basis, as determined by XRF. All calculations of sediment As and 
Fe mobilization in this study are based on these concentrations. Accuracy for As and Fe on this 








Bulk As Conc. 
(mg kg-1)
Bulk Fe Conc. 
(%)









The Vineland Chemical Company Superfund site
aquifer 006 101 0.11
vadose 003 374 0.46
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Figure 3.1. Normalized As XANES spectra of the sediment samples used in the experiments. 










































































Table 3.2. Iron mineral compositions of the sediment samples used in the experiments, as 
determined by Fe EXAFS linear combination fitting analysis. Reduced χ2 of the fits are listed 
for evaluating fit quality. Iron EXAFS spectra and fits are in SM Figure S3. 
 
Note (a): According to standard-addition methods, Dover EW1 middle should contain 
relatively low quantity of ferrihydrite, and this difference may reflect sediment 
heterogeneity, variable spectral quality, or potentially measurement or fitting errors. 
 
3.4.2. Batch Extractions.  
Batch extractions were conducted to examine the effectiveness of oxalic acid treatment on 
sediment As and Fe mobilizations. In the Dover batch experiments where sediment As 
concentrations are found at natural background levels, there were variable As extraction 
efficiency rates that increased from very low (< 1%) to extensive (> 50%) of total As at higher 


















The Dover Municipal Landfill Superfund site
Dover EW1
top 11 ± 9 3 ± 4 0 ± 2 0 ± 3 7 ± 4 3 ± 2 76 ± 6 0.48
middle (a) 41 ± 7 0 ± 3 0 ± 1 1 ± 2 9 ± 3 8 ± 1 41 ± 4 0.40
bottom 11 ± 4 10 ± 2 0 ± 1 3 ± 1 5 ± 2 2 ± 1 70 ± 2 0.08
Dover EW8b
top 20 ± 8 8 ± 3 0 ± 2 0 ± 2 9 ± 3 9 ± 1 54 ± 4 0.29
middle 9 ± 6 14 ± 2 0 ± 1 0 ± 2 0 ± 2 0 ± 1 76 ± 3 0.18
bottom 8 ± 5 17 ± 2 0 ± 1 2 ± 1 0 ± 2 0 ± 1 73 ± 3 0.10
The Vineland Chemical Company Superfund site
aquifer 006 64 ± 12 13 ± 5 8 ± 2 0 ± 4 0 ± 4 3 ± 2 12 ± 3 1.80
vadose 003 50 ± 13 29 ± 6 6 ± 3 1 ± 4 4 ± 4 4 ± 2 7 ± 3 2.04
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experiments where there were high concentrations of ferrihydrite and sediment As, oxalic acid 
extractions mobilized much more As (as much as 86-100% of As from Vineland sediments at 
100 mM oxalic acid), consistent with our previous study (Wovkulich et al., 2010). In contrast to 
As, Fe was extracted equally efficiently from both Vineland and Dover sediments (Figure 3). In 
both the Vineland and Dover batch experiments, the absolute amounts of As and Fe mobilized 
in the extractions ([As] and [Fe]) were linearly correlated on a log-log scale (Figure 3A). Based 
on the factions of As and Fe mobilized, As was mobilized preferentially over Fe (Figure 3B).  
 
Solution pH affects the mobilization of Fe in part by regulating oxalate solution speciation, i.e., 
the concentrations of specific oxalate species in solutions. Comparisons of Fe mobilization and 
the concentration of specific protonation states of oxalate suggest that extracted [Fe] was 
linearly correlated with [H-oxalate-] and [H2-oxalate] on log-log scales, and that there was a 
stronger contribution from [H-oxalate-] to Fe mobilization relative to [H2-oxalate] (SM Figure 
S5). The mobilization of As was affected by oxalate solution speciation in a similar fashion 
(Figure 4), and the correlations between [As] and [H-oxalate-] for both Vineland and Dover 





Figure 3.2. Fractions of As mobilized in the batch extractions using different concentrations of 
oxalic acid (1, 10, and 100 mM) and different initial pHs (pH 3.1, 2.2, and 1.4). The initial bulk 
As concentrations of each sediment samples are listed on each subplot; the concentrations of 
oxalic acid and initial pHs are listed under each subplot.  




























































































































Dover EW1 top: 
2.6 mg kg-1 As 
Dover EW8b top: 
2.4 mg kg-1 As 
Dover EW1 middle: 
4.8 mg kg-1 As 
Dover EW8b middle: 
5.8 mg kg-1 As 
Dover EW1 bottom: 
12.7 mg kg-1 As 
Dover EW8b bottom: 
8.7 mg kg-1 As 
Vineland aquifer 006: 
101 mg kg-1 As 
Vineland vadose 003: 
374 mg kg-1 As 
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Figure 3.3. (A) Dissolved As vs Fe concentrations in the batch extractions on a log-log scale. 
(B) Fractions of As vs Fe mobilized from sediments in the batch extractions. The dash line 
represents the 1-to-1 line.  
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y = 0.55 x – 1.84
R2 = 0.84
Dover: 
y = 0.56 x – 4.60
R2 = 0.71
(A)

































Figure 3.4. Dissolved As concentrations vs visual MINTEQ calculated dissolved (A) oxalate2-, 
(B) H-oxalate- and (C) H2-oxalate concentrations in the batch extractions on log-log scales. No 
linear regressions are reported on (A) because there are no significant correlations.  
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y = 0.11 x – 3.13
R2 = 0.42
Dover: 
y = 0.19 x – 5.22
R2 = 0.58
(C)
log [H-oxalate-] (mol L-1)extraction



























y = 0.23 x – 3.03
R2 = 0.46
Dover: 
y = 0.47 x – 4.92
R2 = 0.73
(B)
log [oxalate2-]               (mol L-1)extraction






































3.4.3. Column Flow-through Systems. 
The experiment with flow-through columns examines As and Fe mobilization under continuous 
flow at realistic sediment-to-solution ratios, and allows us to study readsorption and transport of 
the mobilized As and Fe. This study compares columns using Dover sediments with those of 
Vineland that have been published previously (Wovkulich et al., 2012; Wovkulich et al., 2010).  
 
Column with Artificial Groundwater Influent (Column A-GW). Column A-GW is a control 
column that establishes a baseline of As mobilization from Dover sediments without 
amendment at neutral pH (Figure 5). Effluent As concentrations were low and stable, between 
0.3 and 0.6 μg L-1. Effluent Fe concentrations fluctuated more than As but were also low, 
between 0.01 and 0.28 mg L-1. Cumulative percentages of As and Fe mobilized from Dover 
sediments by 40 PVs of A-GW were 0.1% and 0.0%, respectively. Therefore, As mobilization 
under the experimental conditions is highly limited without amendment.  
 
Column with Oxalic Acid Influent (Column OX). Column OX tests the effectiveness of oxalic 
acid as the amendment to enhance As mobilization from P&T at the Dover site (Figure 5). 
Effluent pHs from column OX decreased from 6.7 to 3.4 over the course of the experiment, 
higher than influent pH (2.2). Effluent As concentrations were below 10 μg L-1 in the first 19 
PVs of 10 mM oxalic acid, but increased to above 100 μg L-1 in the next 4 PVs and then 
stabilized at about 180 μg L-1. Effluent Fe concentrations increased quickly after oxalic acid 
was introduced, from 0.1 mg L-1 to about 200 mg L-1 with 10 PVs of 10 mM oxalic acid, and 
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then stabilized. Cumulative percentages of As and Fe mobilized from Dover sediments by 40 
PVs of 10 mM oxalic acid were 25.3% and 10.6%, respectively. Previous studies (Wovkulich et 
al., 2012; Wovkulich et al., 2010) found that 10 PVs of 10 mM oxalic acid could mobilize about 
80% of As from Vineland sediments. Therefore, oxalic acid mobilized As less efficiently from 
Dover sediments than from Vineland sediments in the column flow-through systems, in 
agreement with the results from batch extractions. Oxalic acid is also known to dissolve Al 
(oxyhydr)oxides (van Hees et al., 2000), however, Al mobilization from Dover sediments was 
















Figure 3.5. Results from Dover column experiments showing effluent (A) As and (B) Fe 
concentrations, and (C) pHs, as a function of pore volumes that had passed through the columns. 
On (C), the two dash lines represent the pHs of the influents.  
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column OX: influent pH 2.2
column A-GW: influent pH 7.0(C)
































3.4.4. Microbial Reduction within Treated and Untreated Sediments. 
To evaluate potential impacts from microbial reduction on residual sediment As following P&T, 
a series of long-term batch experiments were performed with sediments following treatment 
with oxalic acid, washed, and then reacted with anaerobic artificial groundwater containing 
dissolved organic carbon (as lactate) for 3 months. Each step of these experiments was 
performed anaerobically to mimic field conditions.  
 
The anaerobic oxalic acid extraction removed similar quantities of As from the sediments as the 
conventional extraction method (Figure 2 and SM Figure S6). The residual As concentrations in 
treated Dover sediments were between 0.9 and 11.8 mg kg-1; the residual As concentrations in 
treated Vineland aquifer and vadose sediments were 4.6 and 17.7 mg kg-1, respectively. These 
sediments quickly became reducing following incubation with lactate amended groundwater, 
releasing variable amounts of As into solution (Figure 6). In the microcosms with treated Dover 
sediments, dissolved As concentrations observed remained below 37 µg L-1; much lower than in 
microcosms with untreated Dover sediments (83 to 231 µg L-1). In the microcosms with treated 
Vineland aquifer and vadose sediments, dissolved As concentrations reached 478 and 2,074 µg 
L-1, respectively; high but much lower than untreated sediments (4,801 and 12,531 µg L-1, 
respectively). Therefore, (i) oxalic acid treatment lowered the resulting aqueous As 
concentration during the reduction phase; and (ii) less As was solubilized from Dover sediments 




Figure 3.6. Dissolved As concentrations from the microcosms as a function of time, with (Left) 
oxalic acid treated and (Right) untreated sediments in parallel. Dissolved As concentrations for 
the Dover microcosms are scaled between 0 and 250 µg L-1, whereas those for the Vineland 































































top: 2.0 mg kg-1 As 
middle: 2.5 mg kg-1 As 
bottom: 11.8 mg kg-1 As 
top: 0.9 mg kg-1 As 
middle: 4.4 mg kg-1 As 
bottom: 7.4 mg kg-1 As 
aquifer: 4.6 mg kg-1 As 
vadose: 17.7 mg kg-1 As 
Dover EW8b treated
Vineland treated
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To properly assess the potential of oxalic acid amendments as a means of remediating 
As-contaminated aquifers, there are several practical matters that should be addressed. First, the 
extraction should be efficient at mobilizing As from aquifer matrix. Second, since extractions 
seldom remove sediment As completely, the residual As in the sediments should not be released 
into surrounding groundwater under aquifer conditions. These experiments allow us to evaluate 
both.    
 
3.5.1. Effectiveness of Oxalic Acid on Arsenic Mobilization. 
Iron (oxyhydr)oxides are often the dominant sorbents for As and other metal(loid)s and 
nutrients in the natural environments. Oxalic acid mobilizes As from sediments by competitive 
desorption (Bauer and Blodau, 2006; Mohapatra et al., 2005; Yu et al., 2013), and by dissolving 
As-bearing Fe (oxyhydr)oxides (Lee et al., 2007; Panias et al., 1996). The dissolution of Fe 
(oxyhydr)oxides also mobilizes many other ions, such as phosphate, sulfate and carbonate, 
which compete with As for remaining sorption sites and mobilize additional As. The 
interrelationship between Fe (oxyhydr)oxides dissolution and As mobilization is confirmed by 
the correlation between dissolved Fe and As concentrations in the batch experiments (Figure 
3A). The addition of oxalic acid also decreases sediment pH, potentially desorbing As, in 
particular, arsenite (Dixit and Hering, 2003). Both dissolution of Fe (oxyhydr)oxides and 
competitive desorption are pH-dependent. Dissolution of Fe (oxyhydr)oxides by oxalic acid is 
found to be optimal at pH 2-3 where H-oxalate- is the dominant oxalate species (Lee et al., 2007; 
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Panias et al., 1996; Wovkulich et al., 2012). Better correlations between [As] and [H-oxalate-] 
than those between [Fe] and [H-oxalate-] (Figure 4B vs SM Figure S5B), suggest that 
competitive desorption might also be more extensive when H-oxalate- dominates.  
 
The extents of Fe mobilization were similar in Dover and Vineland sediments (Figure 3), as 
were the pH changes that resulted from reaction. Despite these similarities, significantly lower 
fractions of As were mobilized from Dover sediments relative to Vineland sediments. This 
difference can partially be explained by contrasting mineralogy — Dover sediments contain 
some As host minerals that cannot be efficiently dissolved by oxalic acid, such as As bound 
within or protected by silicate minerals and/or relatively crystalline Al (oxyhydr)oxides. Less 
As mobilization from Dover sediments can also be explained in part by less competitive 
sorption. Dover sediments have significantly lower As concentrations than Vineland sediments 
(Table 1), and the resulting lower surface coverages should make them less susceptible to 
competition with oxalate. Dover sediments also contain significant arsenite (Figure 1), which is 
mobilized less efficiently by oxalate than is arsenate (Tao et al., 2006). 
 
Comparing the release of Fe and As from column experiments provides insight into the As 
release mechanisms. The mobilization of Fe precedes the mobilization of As in the oxalic acid 
treated Dover column (Figure 5A vs 5B), whereas the order of mobilization is the opposite in 
the oxalic acid treated Vineland columns (Wovkulich et al., 2012; Wovkulich et al., 2010). We 
hypothesize that this difference is due to the more extensive adsorption or precipitation of Fe in 
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the more oxic Vineland columns than the anaerobic Dover columns (Wovkulich et al., 2012; 
Wovkulich et al., 2010). More importantly, Dover sediments have low As-to-Fe ratios and 
adequate sorption sites, which allows As (re)adsorption as the mobilized As transports from the 
column inlet to the outlet. The lag between oxalic acid addition and As mobilization in the 
Dover column implies that, if applied to the P&T system at the Dover site, the effect from 
oxalic acid on mobilizing As may not be immediately seen. Nevertheless, it is clear that the 
addition of oxalic acid will mobilize significantly more As than groundwater alone. 
 
3.5.2. Reactivity of Residual Sediment Arsenic towards Reduction. 
Microbial reduction of As-bearing Fe(III) (oxyhydr)oxides is one of the principal pathways 
responsible for elevated groundwater As concentrations (Benner et al., 2002; deLemos et al., 
2006; Hansel et al., 2005; Keimowitz et al., 2005; Postma et al., 2010; Saalfield and Bostick, 
2009). Microbial reduction is an important process causing As release at the anaerobic Dover 
landfill, which contains abundant organic matter, and, to some extent, at the Vineland site, 
where conditions are variable but often suboxic. In lactate-amended microcosms, reducing 
conditions were highly effective at releasing sediment As into solution, even in most sediments 
previously reacted with oxalic acid (Figure 6). This indicates that, unless removed completely, 
residual sediment As could still serve as a potential source of groundwater As contamination. 
Nevertheless, for both the Dover and Vineland microcosms, dissolved As concentrations in the 
ones with oxalic acid treated sediments were one order of magnitude lower than those with 
untreated sediments. Therefore, the sediments after oxalic acid treatment are significantly less 
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vulnerable to microbial reduction than without oxalic acid.  
 
Under field conditions the aquifers may not be exposed to such extensive and rapid reduction, 
potentially causing less As mobilization than was observed in these microcosms. However, it is 
clear that the oxalic acid treated Vineland sediments released much more As into solutions 
under reducing conditions than the treated Dover sediments, even though their residual 
sediment As concentrations were similar (Figure 6). We attribute the difference to their 
difference in sediment Fe mineralogy. Dover sediments contain little reactive Fe(III) 
oxyhydroxides (Table 2), which can be dissolved more completely by oxalic acid. Vineland 
sediments, on the other hand, are dominated by amorphous ferrihydrite which is the most 
bioavailable Fe mineral for dissimilatory Fe(III)-reducing bacteria (Hansel et al., 2005; Postma 
et al., 2010). Although ferrihydrite should be dissolved preferentially when treated with oxalic 
acid, there are still substantial quantities of ferrihydrite that persist after oxalic acid extraction, 
as observed repeatedly in this study and our previous studies (Wovkulich et al., 2012; 
Wovkulich et al., 2010; Wovkulich et al., 2014). These remaining reactive Fe(III) minerals 
make the sediments more susceptible to microbial reduction and the liberation of more As into 
solution. This indicates that sediment Fe mineralogy needs to be considered to evaluate the 
potential of oxalic acid based extractions.  
 
3.5.3. Implications for Groundwater Arsenic Remediation. 
The Dover and Vineland Superfund sites are in many ways typical of many As-contaminated 
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sites. They all have similar aquifer geochemical characteristics including As-bearing Fe 
minerals that are susceptible to reductive dissolution, and carbonate-buffered groundwater 
containing variable concentrations of dissolved Fe. The Dover and Vineland sites span a range 
of sediment As concentrations and redox states (from natural abundance As and reducing 
conditions at Dover to anthropogenically-contaminated and more oxic at Vineland). This study 
suggests that oxalic acid could mobilize As from both systems, and probably many other 
environments as long as pH can be controlled during injection. Residual As in oxalic acid 
treated sediments also appears to be significantly less labile. These factors suggest that oxalic 
acid extractions may be effective in field settings as a means of removing As, and decreasing 
solute concentrations. Although more research would be required to best determine how to 
implement such an extraction in the field, oxalic acid extractions used in combination with P&T 
as part of the clean-up activities, could improve remediation efficiency and decrease the 
cumulative operation time and cost. This study suggests that complete As extraction may be 
difficult to achieve, but also that it may not be required for the treatment method to useful. It 
also suggests that the efficacy of P&T must consider sediment Fe mineralogy and the potential 
for a site to stay or become reducing when evaluating its overall potential as a groundwater 
remediation strategy. Extraction could be optimized by using higher oxalic acid strength, 
maintaining pH of the aquifer at 2-3 during operation, allowing longer P&T operation time or 
flow rates, and combining additional amendment(s). At sites with limited quantities of reactive 
Fe(III) minerals or sites that have little chance of becoming highly reducing, residual sediment 
As after oxalic acid treatment would not be easily mobilized, and thus groundwater As 
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remediation via enhanced P&T would be promising.  
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Figures S1 – S6. The supplementary figures contain digital pictures showing column set-up, 
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Figure S3.2. XRD pattern over 2θ range of 2˚ to 60˚ of the Dover aquifer sediment samples. An 
identification search match of the various phases present in the samples was performed using 
MDI Jade 6 software (Materials Data Incorporated, Liverpool, CA). 
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Figure S3.3. Iron EXAFS spectra and fits of the sediment samples used in the experiments, over 
k-range of 2 to 13 Å−1. Open dots: sample spectra; solid lines: fits.  













































Figure S3.4. Fractions of iron mobilized in the batch extractions using different concentrations 
of oxalic acid (1, 10, and 100 mM) and different initial pHs (pH 3.1, 2.2, and 1.4). The initial 
bulk iron concentrations of each sediment samples are listed on each subplot; the concentrations 
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Figure S3.5. Dissolved iron concentrations vs visual MINTEQ calculated dissolved (A) oxalate2-, 
(B) H-oxalate- and (C) H2-oxalate concentrations in the batch extractions on log-log scales. No 
linear regressions are reported on (A) because there are no significant correlations.  
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Figure S3.6. Fractions of sediment As mobilized from two runs of oxalic acid extraction (filled 
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 Microcosms with sediments from two distinct contaminated sites are conducted. 
 Sulfate reduction is stimulated to examine the effect on immobilizing arsenic. 
 Arsenic in the microcosms as conducted releases from sediments to solution. 






4.1. ABSTRACT  
Arsenic is often assumed to be immobile in sulfidic environments. Here, laboratory-scale 
microcosms were conducted to investigate whether microbial sulfate reduction could control 
dissolved arsenic concentrations sufficiently for use in groundwater remediation. Sediments from 
the Vineland Superfund site and the Coeur d'Alene mining district were amended with different 
combination of lactate and sulfate and incubated for 30 to 40 days.  In general, sulfate reduction 
in Vineland sediments resulted in transient and incomplete arsenic removal, or arsenic release from 
sediments. Sulfate reduction in the Coeur d'Alene sediments was more effective at removing 
arsenic from solution than the Vineland sediments, probably by arsenic substitution and adsorption 
within iron sulfides. X-ray absorption spectroscopy indicated that the Vineland sediments initially 
contained abundant reactive ferrihydrite, and underwent extensive sulfur cycling during 
incubation. As a result, arsenic in the Vineland sediments could not be effectively converted to 
immobile arsenic-bearing sulfides, but instead a part of the arsenic was probably converted to 
soluble thioarsenates. These results suggest that coupling between the iron and sulfur redox cycles 
must be fully understood for in situ arsenic immobilization by sulfate reduction to be successful.     
 
KEYWORDS 





Arsenic is a well-known human carcinogen, and consumption of water containing unsafe levels of 
dissolved arsenic also causes cardiovascular disease and inhibits intellectual development of 
children (Chen et al., 2009; Wasserman et al., 2004). Unfortunately, groundwater arsenic 
contamination is currently a global problem and also a concern at numerous former mining 
operations and industrial sites in the United States (Mandal and Suzuki, 2002). So far, groundwater 
arsenic contamination has been difficult to remediate in a timely and cost effective manner (EPA, 
2002; EPA, 2013). One attractive option for remediating groundwater arsenic is in situ 
immobilization, which removes dissolved arsenic from groundwater by precipitating and/or 
adsorbing arsenic to the sediment and soil matrix. 
 
Arsenic can form insoluble sulfide minerals, including orpiment (As2S3), realgar (AsS) and 
arsenopyrite (FeAsS), can substitute within a variety of metal sulfides, including mackinawite 
(FeS), greigite (Fe3S4) and pyrite (FeS2), and can exist as a sorption complex on these sulfides 
(Bostick and Fendorf, 2003; Burton et al., 2014; Kirk et al., 2010; O'Day et al., 2004). The 
formation of sulfide minerals is typically achieved through stimulating the activity of indigenous 
sulfate-reducing bacteria (SRBs) by supplying an electron donor and, in some cases, extra 
inorganic sulfate to the sediments and soils. Through such processes, dissolved arsenic can be 
converted to immobile arsenic-bearing sulfides under some conditions (Burton et al., 2014; 
Keimowitz et al., 2007; Omoregie et al., 2013; Onstott et al., 2011). However, the formation of 
reduced sulfides also can be recycled and can enhance the solubility of arsenic as thiolated arsenic 
compounds (Burton et al., 2011; Kocar et al., 2010; Poulton et al., 2004; Saalfield and Bostick, 
2009). These potential complications have made it difficult to determine under which conditions 
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the sulfide-based strategy can or cannot be reliably applied in groundwater arsenic immobilization 
technologies.    
 
The objectives of this study were to stimulate sulfate reduction and sulfide production within 
microcosms containing sediments from arsenic-contaminated sites, and to evaluate the effect of 
sulfide production on immobilizing arsenic. The sediments were from two distinct sites in the 
United States: a Superfund site, the Vineland Chemical Company site, and a former heavy metal 
sulfide mining site, the Coeur d'Alene mining district. The geochemical evolution of solution 
composition and sediment mineralogy/speciation were traced concurrently in these microcosms. 
The data suggest that coupling between iron and sulfur cycling can preclude sulfate reduction from 
producing insoluble arsenic-bearing sulfides, and that the long-term stability of the sulfide-based 
immobilization strategy also merits careful evaluation.  
 
4.3. MATERIALS AND METHODS  
4.3.1. Site and Sample Information.  
The Vineland Chemical Company Superfund site is located in southern New Jersey. Arsenic 
contamination at the Vineland site resulted from improper storage of arsenic-containing herbicides 
and salts between 1949 and 1994. A large pump-and-treat (P&T) system, as well as several other 
strategies, are involved in the current site mitigation activities. Descriptions of the Vineland site 
have been previously reported (Sun et al., 2016; Wovkulich et al., 2014). The sediments used in 
this study were derived from a pit that was freshly dug down below the water table. Immediately 
after retrieval, the sediment were homogenized and sealed in new metal cans. The Vineland 
sediments are composed of mostly quartz (no other minerals can be detected by powder X-ray 
114 
 
diffraction). Bulk sediment arsenic, iron and manganese concentrations are 123, 1190 and 12 mg 
kg-1, respectively, based on acid digestion. The groundwater used was collected from a P&T well 
(RW-02) adjacent to the sediment collection location. The sediments and groundwater were kept 
in the dark at 4 °C once collected and brought back to the laboratory for microcosm experiments. 
The groundwater composition was largely unchanged during transport, with the exception of the 
small quantity of iron that quickly precipitated out (about 0.1 mg L-1).  
 
The Coeur d'Alene mining district is located in northern Idaho. The Coeur d'Alene mining district 
had large metal sulfide deposits including silver, gold, cadmium, copper, lead and zinc (Hobbs et 
al., 1965). Since the start of the 20th century, over 72 million tons of mine tailings were dumped 
into the Coeur d’Alene River (Javorka, 1991). Fluvially reworked tailings and more recent mine 
dredged sediments have formed thick deposits of contaminated sediments on the modern 
floodplain and adjacent to the river. Detailed descriptions of the Coeur d'Alene site also have been 
previously reported (La Force et al., 2000). The sediments used in this study were collected from 
a seasonally flooded wetland near the mouth of the Coeur d'Alene River. The sediments were 
collected during early spring flooding below standing water. Immediately after retrieval, the 
sediments were homogenized and sealed in plastic bottles. The Coeur d'Alene sediments are 
composed of primarily quartz with small quantities of feldspar, mica and clay minerals. Bulk 
sediment arsenic, iron and manganese concentrations are 4, 10800 and 307 mg kg-1, respectively, 
based on acid digestion. The sediments were kept in the dark at 4 °C once collected and brought 
back to the laboratory for microcosm experiments.      
 
4.3.2. Microcosm Experiments.  
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Homogenized wet sediments from the Vineland site and local groundwater were used for the 
Vineland microcosms. These Vineland microcosms were performed at room temperature (22 °C) 
with a suspension density of 50 g L-1, in high-density polyethylene bottles. The sediment-
groundwater suspensions were pre-equilibrated for 24 hours in sealed bottles prior to treatments. 
The microcosm experiments were performed in duplicate as follows: (i) treatment free, (ii) 10 mM 
sodium sulfate + 10 mM sodium lactate. The addition of reactive organic carbon, lactate, with 
extra inorganic sulfate, is a common strategy to stimulate sulfate reduction (Burton et al., 2011; 
Burton et al., 2014; Omoregie et al., 2013; Onstott et al., 2011; Saalfield and Bostick, 2009). No 
additional nutrients were added to the microcosms. Although incubations were not made under 
strictly anaerobic conditions, they were sealed and quickly became anaerobic and maintained those 
conditions for the duration of the experiment.  Traces of oxygen at the onset of the experiment also 
made the initial experimental conditions similar to the slightly oxidizing conditions typical of 
Vineland sediments (Sun et al., 2016). The duration of this experiment was 38 days, during which 
the microcosms were periodically monitored for redox potential (Eh, with respect to the standard 
hydrogen electrode) and pH, and solution-sediment aliquots were subsampled and filtered to 0.2 
μm. The filtered solutions were acidified with hydrochloric acid for elemental composition and 
dissolved organic carbon (DOC) analyses. The sediments contained on filter membranes were 
preserved in glycerol immediately (to prevent exposure to oxygen and preserve oxidation state) 
and frozen (-20 °C) for X-ray absorption spectroscopy (XAS) analysis.  
 
The Coeur d'Alene microcosms were conducted in similar fashion to the Vineland microcosms. 
Homogenized wet sediments from the Coeur d'Alene site and distilled water with selected 
treatment, either (i) 10 mM sodium lactate or (ii) 3 mM sodium sulfate + 10 mM sodium lactate, 
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were used in the Coeur d'Alene microcosms. Less sulfate was used to account for the higher 
background organic matter and sulfate content of these sediments.  These microcosms were 
performed at 30 °C (water bath) with a suspension density of 140 g L-1, in high-density 
polyethylene bottles. The duration of this experiment was 32 days, during which solution-sediment 
aliquots were periodically subsampled from the microcosms and filtered. The filtered solutions 
were acidified for elemental composition analysis. The sediments contained on filter membranes 
were preserved in glycerol and frozen for XAS analysis. 
 
4.3.3. Analytical Procedure. 
Solution Analysis. Dissolved elemental concentrations in the solutions from the Vineland 
microcosms were determined by inductively coupled plasma mass spectrometry (ICP-MS) with a 
high-resolution Axiom Single Collector instrument (Thermo Elemental, Germany). Germanium 
was added as an internal response standard and used for monitoring instrument drift. For analyzing 
arsenic, the instrument was set at resolving power ~10,000, to resolve the 75arsenic peak from 
argon-chloride interference. Quantification for each element was based on comparison to a six-
point standard curve from a multi-element standard. Accuracy was within 100 ± 5% based on 
certified NIST standards. DOC concentrations in the solutions were determined by high-
temperature catalytic oxidation method on a Shimadzu total organic carbon (TOC) VCSN analyzer. 
Quantification was based on comparison to a six-point calibration curve from standards prepared 
from potassium hydrogen phthalate (Nacalai Tesque, Inc.) and certified low TOC water 





Dissolved elemental concentrations in the solutions from the Coeur d'Alene microcosms were 
analyzed by inductively coupled plasma optical emission spectrometer (ICP-OES) using a Thermo 
Intrepid II XSP with radial optics. An internal standard of scandium, yttrium, and indium was run 
in-line to track and correct for plasma condition changes. Spectral interferences were calculated 
by analyses of high purity standards, and accounted for in data reduction when necessary. 
Quantification for each element was based on comparison to a four-point calibration curve from a 
multi-element standard. Accuracy was within 100 ± 5% based on certified NIST standards.  
 
Sediment Analysis. Arsenic X-ray absorption near edge structure (XANES) spectra were 
collected on representative Vineland and Coeur d'Alene sediment samples, at the Stanford 
Synchrotron Radiation Laboratory (SSRL) on beamline 4-1. Iron extended X-ray absorption fine-
structure (EXAFS) spectra were also collected on the same beamline, on representative Vineland 
sediment samples. The beamline was configured with a silicon(220) monochromator with a phi 
angle of 90 degrees. Sample fluorescence spectra were measured with a 13-element germanium 
detector, in combination with a 6 μx germanium filter or a 6 μx manganese filter for arsenic 
XANES and iron EXAFS, respectively. The spectra were processed in SIXpack (Webb, 2005) 
using standard procedures (Saalfield and Bostick, 2009; Sun et al., 2016). Normalized arsenic 
XANES spectra of the Vineland and Coeur d'Alene samples were compared with reference spectra 
of arsenate, arsenite and arsenic sulfides. The k3-weighted iron EXAFS spectra of the Vineland 
samples were compared with reference spectra of ferrihydrite, goethite, hematite, magnetite, 
mackinawite, siderite and iron-rich illite, consistent with earlier studies on the Vineland aquifer 
(Sun et al., 2016; Wovkulich et al., 2014). Least-squares linear combination fitting (LCF) was used 
to quantify the percentage of each reference. Errors in LCF reported by SIXpack account for error 
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propagation from fitting, spectral noise in sample and reference spectra, and similarities between 
reference spectra (Webb, 2005).  
 
Sulfur XANES spectra were collected on representative Vineland sediment samples at SSRL 
beamline 4-3, configured with a silicon(111) monochromator. The spectra were processed in 
WinXAS (Ressler, 1998) using standard procedures (Saalfield and Bostick, 2009; Schroth et al., 
2007). Sample sulfur speciation was determined by XANES-LCF with reference spectra of 
inorganic sulfate, zero valent sulfur (S0) and sulfide. Organic sulfur species were not significant if 
included in fitting, and are likely only a small portion of the total sulfur based on mass balance 
calculates, and thus are omitted. They contain less carbon (100-400 mg kg-1) than sulfur (300 mg 
kg-1 or more following sulfate amendments), and organic sulfur is typically only a small fraction 
of organic carbon.  Errors for sulfur speciation are estimated from a sensitivity analysis and 
comparisons to known mixtures, which are within 2% for oxidized sulfur species and 5% for 
reduced sulfur species (Schroth et al., 2007).    
 
4.3.4. Thermodynamic Modeling.  
Arsenic Eh-pH diagram was constructed using Geochemist’s Workbench (Rockware Inc., Golden, 
CO) with the Lawrence Livermore National Laboratories combined database (Delany and Lundeen, 
1990), which was updated for arsenic speciation (Couture and Van Cappellen, 2011; Helz and 
Tossell, 2008).  
 
4.4. RESULTS  
4.4.1. Coeur d'Alene Microcosms.  
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In the lactate-only-treated Coeur d'Alene microcosm without extra sulfate, dissolved sulfur 
concentrations, which are representative of dissolved sulfate, were still measurable and increased 
over time during incubation (Fig. 1). Dissolved arsenic concentrations continued to increase, 
ultimately reaching 0.06 mg L-1. Dissolved phosphorus concentrations, which are representative 
of dissolved phosphate, also increased over time and ultimately reached 0.12 mg L-1. Dissolved 
iron and manganese concentrations increased initially, and followed by partial removal. In the 
Coeur d'Alene microcosm treated with both lactate and extra sulfate, dissolved sulfur 
concentrations started at 101 mg L-1, decreased consistently over time and depleted completely at 
the end of the incubation. The pH rose from neutral to about pH 7.5 during the experiment, and 
the redox potential decreased from +0.3 V to a final value of -0.255 V during the experiment.  
Dissolved phosphorus, iron and manganese behaved generally similarly to those in the lactate-
only-treated microcosms, but dissolved phosphorus concentrations were higher, and the partial 
removal of dissolved iron and manganese occurred at faster rates. Dissolved arsenic concentrations 
started at 0.03 mg L-1, which were higher than those in the lactate-only-treated microcosms, but 
fell under the detection limit of the ICP-OES instrument (0.007 mg L-1) 15 days after the treatment 
addition (Fig. 1). Therefore, the supply of extra sulfate is necessary for remediation to be 
successful. However, this arsenic removal was transient, as dissolved arsenic concentrations 
increased again to a final value of 0.02 mg L-1. Arsenic XANES indicated that initial Coeur d'Alene 
wetland sediment arsenic was present as a mixture of arsenate and arsenite, and the fraction of 
arsenite increased following the sulfate-lactate addition and no arsenic sulfides were produced 
(Fig. 2).    
 
4.4.2. Vineland Microcosms.  
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In the sulfate-lactate-treated Vineland microcosms, dissolved sulfur concentrations started high 
because of the sulfate addition, increased slightly in the first 10 days of incubation, and then 
decreased consistently over time by about 100 mg L-1 (Fig. 1). The change in DOC concentrations 
was used as a proxy for tracking the microbial oxidation of lactate. DOC concentrations started at 
about 30 mM because of the lactate addition (10 mM lactate = 30 mM DOC) and then consistently 
decreased over time to 6 mM (Fig. 3). Similar to the Coeur d'Alene case, dissolved iron and 
manganese concentrations in these sulfate-lactate-treated Vineland microcosms also increased 
initially, and followed by partial removal. The Vineland microcosms contained lower dissolved 
iron and manganese than the Coeur d'Alene microcosms, due to lower sediment iron and 
manganese contents. The sulfate-lactate-treated Vineland microcosms became more reducing over 
the course of the incubation with Eh decreasing from +0.21 V to -0.21 V, and pH increased from 
pH 5.6 to 6.7 because of the sulfate-lactate addition and then stabilized (Fig. 4). Although the 
evolution of solution composition and the Eh/pHs suggest active sulfate reduction, arsenic was not 
effectively sequestered within reduced sulfide minerals and instead released from the Vineland 
sediments (Fig. 1). There was a transient arsenic removal from solution starting at Day 12, 
coinciding with a decline in dissolved sulfur, iron and manganese concentrations. However, 
dissolved arsenic concentrations quickly rebounded and ultimately reached 1.9 mg L-1. Dissolved 
phosphorus concentrations decreased from approximately 0.3 mg L-1 to 0.1 mg L-1 within the first 
5 days of incubation and then stabilized. Overall, although some small differences in solution 
composition were observed, duplicated Vineland microcosms behaved similarly. Initial Vineland 
sediment iron was dominated by iron(III), especially poorly-crystalline ferrihydrite, and following 
the sulfate-lactate addition, most of this ferrihydrite converted to more crystalline goethite and 
lesser quantity of iron sulfides (Fig. 5A). Initial Vineland sediment arsenic was present as > 95% 
121 
 
arsenate, and remained as arsenate despite the reducing environment (Fig. 2). Rather than insoluble 
sulfides, the majority of the reduced sulfur within the sulfate-lactate-treated sediments was zero 
valent sulfur (Fig. 5B). In the treatment-free Vineland microcosms, pH and most solution species 
measured, including dissolved arsenic concentrations, remained stable relative to those in the 
sulfate-lactate-treated microcosms; Eh decreased from +0.23 V to +0.14 V over the course of the 
incubation; and dissolved phosphorus concentrations decreased gradually from approximately 0.3 
mg L-1 to 0.15 mg L-1 (Fig. 1, Fig. 3 and Fig. 4).    
 
4.5. DISCUSSION 
4.5.1. Interplay between Sulfate Reduction, Iron(III) Reduction, and Arsenic 
Concentration.  
The addition of sulfate and lactate to the Coeur d'Alene microcosms resulted in lower dissolved 
arsenic concentrations than the addition of lactate alone (Fig. 1), which implies that sulfate 
reduction indeed can be important to regulating dissolved arsenic levels. Such addition to the 
Vineland microcosms, however, caused dissolved arsenic concentrations to exceed WHO drinking 
water standard (0.010 mg L-1) by 2 orders of magnitude. The concurrent changes in dissolved iron 
and sulfur concentrations, in both the Coeur d'Alene and Vineland microcosms, suggest that 
parallel redox processes were active. (Given that sediment manganese concentrations are 2 orders 
of magnitude lower than sediment iron concentrations, manganese(IV) reduction is not the focus 
of the discussion.) The implicit relationship between iron(III) and sulfate reduction within these 
microcosms, and within many natural subsurface environments, and the conditions under which 
their interaction either sequesters or liberates arsenic, are not simple in that it involves a complex 
network of microbial and chemical (abiotic) redox pathways, sediment-solution interchanges, and 
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thermodynamic and kinetic constraints. Based on the observations in this study and published 
studies on sulfate reduction (Burton et al., 2011; Couture and Van Cappellen, 2011; Kirk et al., 
2010; Kocar et al., 2010; Poulton et al., 2004), we propose a generalized conceptual model that 
describes how iron and sulfur are cycled and addresses whether the phases immobilize arsenic 
(Fig. 6). 
 
Iron(III) and sulfate reduction pathways differ between different microcosms. In the lactate-only-
treated microcosms, iron(III) reduction was probably the dominant process affecting the systems, 
and iron-reducing bacteria (FeRBs) were responsible for the reductive dissolution/transformation 
of iron(III) minerals. In contrast, in the sulfate-lactate-treated microcosms, although a microbial 
lag phase of the sulfate-reducing bacteria (SRBs) seems to exist at the onset of the experiments 
(Fig. 1), sulfate reduction probably proceeded at comparable speed with iron(III) reduction or even 
took over during certain stages owing to kinectic reasons (Bethke et al., 2011; Wang and Van 
Cappellen, 1996) and sulfate was reduced by SRBs to hydrogen sulfide (a mixture of HS- and H2S, 
pKa,H2S = 7.02): 
𝑆𝑂4
2− + 2𝐶3𝐻5𝑂3
− ↔ 𝐻𝑆− + 2𝐻𝐶𝑂3
− + 2𝐶2𝐻3𝑂2
− + 𝐻+         (1) 
Free sulfides are able to produce insoluble iron and/or arsenic sulfide minerals when these minerals 
reach saturation (i.e., saturation index > 0) (Fig. 6). If reactive iron(III) minerals such as 
ferrihydrite are present, free sulfides also reductively react with them and produce iron(II)  and 
zero valent sulfur (possibly along with lesser quantity of thiosulfate):  
𝐻𝑆− + 2𝐹𝑒(𝑂𝐻)3(s) + 5𝐻
+ ↔ 2𝐹𝑒2+ + 𝑆0(s) + 6𝐻2𝑂         (2)  
This reaction, which is surface-controlled and involves electron transfer, is a rapid chemical 
process and directly coupled to microbial sulfate reduction (Kocar et al., 2010; Poulton et al., 
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2004). The presence of zero valent sulfur is a diagnostic indicator of sulfate reduction, since it only 
forms through sulfide oxidization. The zero valent sulfur, then, undergoes disproportionation 
which might be microbially mediated, and regenerates sulfide and sulfate (Burton et al., 2011; 
Cypionka et al., 1998; Saalfield and Bostick, 2009): 
4𝑆0(s) + 4𝐻2𝑂 ↔ 3𝐻𝑆
− + 𝑆𝑂4
2− + 5𝐻+                                   (3) 
Such processes (Reaction 1, 2 and 3) create an efficient biogeochemical sulfur cycle that catalyzes 
iron(III) reduction and buffer dissolved sulfide concentrations at relatively low levels, until 
reactive iron(III) is exhaused (Fig. 6).   
 
The sulfur cycling (indicated by accumulation of zero valent sulfur, Fig. 5B) explains why the 
sulfate-lactate treatment was unable to immobilize arsenic in the Vineland case, even though 
sulfate reduction was apparent. Arsenate reduction is a necessary step in arsenic co-precipitation 
with sulfides (Saalfield and Bostick, 2009). Free sulfides, if appreciable, not only can reduce 
reactive iron(III) minerals (Reaction 2), but can reduce arsenate (Helz and Tossell, 2008; Rochette 
et al., 2000). Although this may happen under sustained reduction (Burton et al., 2014; Onstott et 
al., 2011), due to the reaction of sulfide with reactive ferrihydrite which is abundant in the Vineland 
sediments and subsequent sulfur cycling (Fig. 6), arsenate reduction and the transformation to 
arsenic sulfide minerals are inhibited (Fig. 2). This buffering of sulfide activities at low levels also 
slows the transformation from ferrihydrite to iron sulfide minerals (Fig. 5A). Instead, ferrihydrite 
reduction produces ferrous iron, causing its conversion to goethite and/or magnetite (Kocar et al., 




Similar to arsenic, phosphate is also often present as adsorbed species in sediments and soils. In 
the Coeur d’Alene microcosms, following the sulfate-lactate addition, phosphate was released 
while arsenic was removed from solution (Fig. 1). In the Vineland microcosms, however, arsenic 
was released while phosphate was sequestered within the sediments, even after extensive 
ferrihydrite reduction. The contrast between the fates of dissolved arsenic and phosphate in these 
microcosms can be explained by their significant differences in reactivity with dissolved sulfide. 
Different from arsenic, phosphate does not readily react with dissolved sulfide to form insoluble 
minerals or solution complexes. In the sulfate-lactate-treated Coeur d’Alene microcosm, 
phosphate is released due to reduction and depletion of sorption sites, while co-precipitation and/or 
adsorption to sulfide minerals removes arsenic from solution. In the sulfate-lactate-treated 
Vineland microcosms, the retention of phosphate suggests that sorption sites are available, but that 
arsenic solubility is enhanced by the formation of dissolved thiolated arsenic compounds such as 
HAsS3O
2- and AsS4
3- (Burton et al., 2011; Keimowitz et al., 2007; Kocar et al., 2010; Suess et al., 
2009):  
𝐻2𝐴𝑠𝑂4
− + 3𝐻𝑆− + 2𝐻+ ↔ 𝐻𝐴𝑠𝑆3𝑂
2− + 3𝐻2𝑂                     (4) 
𝐻𝐴𝑠𝑆3𝑂
2− + 𝐻𝑆− ↔ 𝐴𝑠𝑆4
3− + 𝐻2𝑂                                            (5) 
Such thioarsenates can also be produced through the oxidation of arsenite oxyanions by zero valent 
sulfur (Burton et al., 2013). Arsenic Eh-pH diagram provides insight into the overall 
thermodynamic controls on arsenic speciation under the dynamic redox environment (Fig. 4). The 
diagram suggests that such thioarsenates indeed became stable in the sulfate-lactate-treated 




Sediment iron mineralogy regulates the rates of iron(III) and sulfate reduction, and thus sulfur 
cycling (Postma et al., 2010; Poulton et al., 2004). La Force et al. (2000) suggests that the Coeur 
d'Alene wetland sediments used in this study, which were collected during early spring flooding, 
may contain limited quantities of reactive iron(III) minerals due to the flooding-induced anoxia. 
Without reactive iron(III) to poise sulfide activities at low levels, sulfate reduction could more 
efficiently produce insoluble sulfide minerals. The persistence of phosphate in solution while 
arsenic was retained in the sulfate-lactate-treated Coeur d'Alene microcosm (Fig. 1) is indirect 
evidence for arsenic retention within sulfide minerals. Such arsenic retention was probably 
associated with iron sulfides such as mackinawite since they are more likely to form than orpiment 
or realgar under our iron-rich experimental conditions (Burton et al., 2014; Kirk et al., 2010) and 
arsenic sulfides were indeed not detected (Fig. 2).   
 
4.5.2. Implication for Remediating Groundwater Arsenic Contamination.  
Although many limitations exist when simplistically extrapolating laboratory data to the field, this 
study indicates that remediation intended to produce immobile arsenic-bearing sulfides may not 
always be effective, and that any arsenic remediation approach that involves redox transformations 
must be implemented with caution to avoid the unintended release of sediment arsenic into 
groundwater.  
 
Microbial sulfate reduction does not impact dissolved arsenic concentrations in a straight-forward 
manner because the solubility of arsenic-bearing sulfides is minimized only when sulfide activities 
are about 0.5 µM (Eary, 1992; Helz et al., 1995), a condition which is difficult to control and 
maintain. In natural environments, the activity of sulfide is often affected by its reaction with 
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iron(III) and other oxidants; thus the efficacy of sulfate reduction must consider sediment/soil iron 
mineralogy when evaluating its potential as a groundwater remediation strategy. Since the catalytic 
sulfur cycling, which keeps sulfide activities low, breaks down if there is no facile oxidant like 
reactive iron(III) minerals, the formation of insoluble sulfides and arsenic immobilization may be 
more effective within relatively reduced systems, for example, within landfill sites. Under those 
conditions, however, porewater iron(II) concentrations might be low and the production of iron 
sulfide minerals might be slow. As a result, sulfate reduction potentially enhances arsenic 
solubility through the formation of thiolated arsenic compounds (Fig. 6). In fact, both enhanced 
removal and release may occur at the same site as site condition evolves, as evidenced by the 
transient arsenic removal observed in the microcosms (Fig. 1). Even if immobile arsenic-bearing 
sulfides are formed, reduced sulfide minerals are susceptible to oxidation under oxidized condition 
and to dissolution with higher sulfide activity (Burton et al., 2011; Couture and Van Cappellen, 
2011; Kirk et al., 2010). Therefore, the long-term stability of the arsenic hosts also requires 
additional investigations, to better understand the viability of the sulfide-based immobilization 
strategies.   
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Tables S1 and S2, and figures S1 and S2. These tables and figures contain sediment iron EXAFS 






Fig. 4.1. Dissolved sulfur, arsenic, phosphorus, iron and manganese concentrations from the 
microcosms over time. The time of treatment addition was defined as time zero. Sediment arsenic, 
iron and manganese suspension densities were calculated using elemental concentrations in 
sediments and suspension densities used in the microcosms. Left column: Coeur d'Alene. Right 
column: Vineland. The starting points (Day -0.1) are from the Vineland microcosms after 24 hour 
pre-equilibration and right before the treatment addition. Duplicated Vineland microcosms were 
shown separately in the figure. 
 



























































































































































































































































Coeur d'Alene: 0mM sulfate, 10mM lactate
Coeur d'Alene: 3mM sulfate, 10mM lactate
Vineland: 0mM sulfate, 0mM lactate














































Fig. 4.2. Normalized arsenic XANES spectra of the initial sediments and the sulfate-lactate-treated 
sediments from the microcosms at the end of the incubations (Day 32 for Coeur D’Alene and Day 
38 for Vineland). The spectra are vertically offset for clarity. Different arsenic reference spectra 

















































































Vineland: 0mM sulfate, 0mM lactate
Vineland: 10mM sulfate, 10mM lactate














Fig. 4.4. Arsenic Eh–pH diagram for the As–O–H–S system calculated with condition: system 
with 10 μM arsenic, 10 μM iron and 100 μM sulfur. Equilibrium with S(α)8(s) is imposed for the 
diagram. The yellow areas indicate the predominance of solid arsenic species, whereas the blue 
areas indicate the predominance of solution arsenic species. The black dotted line indicates where 
the boundary between H3AsO3(aq) and As(s) would be if the system contained only 1 μM sulfur. 
Redox data from the Vineland microcosms are plotted. Initial conditions represent the Vineland 
microcosms after 24 hour pre-equilibration and right before the treatment addition. Each point is 
the average of the duplicate microcosms, and the errors are the standard deviations, some of which 
are smaller than the size of symbols used. The dashed lines with arrows indicate the directions of 
the Eh/pH changes over time.  
  
 
: Vineland: initial conditions
: Vineland: 10mM sulfate, 10mM lactate
: Vineland: 0mM sulfate, 0mM lactate


































Fig. 4.5. Iron mineral composition (A) and sulfur speciation (B) in initial Vineland sediments and 
in the sulfate-lactate-treated Vineland sediments at the end of the incubation (Day 38), as 
determined by iron EXAFS and sulfur XANES linear combination fitting. Iron EXAFS spectra 
and fits are in Supplementary Material Table S1 and Fig. S1, and sulfur XANES spectra and fits 



























Fig. 4.6. Conceptual iron transformation and sulfur redox cycle, and arsenic partitioning among 













when SI > 0
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Table S4.1. Iron mineral composition in the initial Vineland sediments and in the sulfate-lactate-
treated Vineland sediments at the end of the incubation, determined by iron EXAFS linear 
combination fitting. Sediments from duplicated microcosm were combined before analyses.  
 
 
Fig. S1. Iron EXAFS spectra and fits of the initial Vineland sediments and the sulfate-lactate-





























Table S2. Sulfur speciation in the initial Vineland sediments and in the sulfate-lactate-treated 
Vineland sediments at the end of the incubation, determined by sulfur XANES linear 
combination fitting. Sediments from duplicated microcosm were combined before analyses.  
 
 
Fig. S2. Normalized sulfur XANES spectra of the initial Vineland sediments and in the sulfate-
lactate-treated Vineland sediments at the end of the incubation. The spectra are vertically offset 
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 Magnetite is advantageous as the host-mineral for As immobilization.  
 We conduct microcosms with sediment and groundwater from an As-contaminated site. 
 We trace the evolution of water composition and sediment mineralogy concurrently. 
 Addition of ferrous Fe and nitrate produces mineral assemblage including magnetite. 





















5.1. ABSTRACT  
 
Magnetite strongly retains As, and is relatively stable under Fe(III)-reducing conditions common 
in aquifers that release As. Here, laboratory microcosm experiments were conducted to investigate 
a potential As remediation method involving magnetite formation, using groundwater and 
sediments from the Vineland Superfund site. The microcosms were amended with various 
combinations of nitrate, Fe(II)(aq) (as ferrous sulfate) and lactate, and were incubated for more than 
5 weeks. In the microcosms enriched with 10 mM nitrate and 5 mM Fe(II)(aq), black magnetic 
particles were produced, and As removal from solution was observed even under sustained Fe(III) 
reduction stimulated by the addition of 10 mM lactate. The enhanced As retention was mainly 
attributed to co-precipitation within magnetite and adsorption on a mixture of magnetite and 
ferrihydrite. Sequential chemical extraction, X-ray absorption spectroscopy and magnetic 
susceptibility measurements showed that these minerals formed at pH 6 – 7 following nitrate-
Fe(II) addition, and As-bearing magnetite was stable under reducing conditions. Scanning electron 
microscopy and X-ray diffraction indicated that nano-particulate magnetite was produced as 
coatings on fine sediments, and no aging effect was detected on morphology over the course of 
incubation. These results suggest that a magnetite based strategy may be a long-term remedial 
option for As-contaminated aquifers.  
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Arsenic is the 2nd most common contaminant of concern at the U.S. Superfund sites, with nearly 
50% of sites having groundwater As related problems (ATSDR, 2013). Mitigating groundwater 
As contamination is urgently required, however, has proven difficult. Encapsulation technology, 
common in soil remediation, is typically impractical for diffuse contaminants. Pump-and-treat 
(P&T), which can control groundwater migration, is commonly used for groundwater remediation 
(EPA, 2003). This method is hampered for As because of slow and inefficient desorption from 
aquifer sediments (Wovkulich et al., 2012; Wovkulich et al., 2014). One attractive option for 
remediating groundwater As is in situ immobilization, which stimulates mineral formation within 
the aquifer to adsorb and/or precipitate As.  
 
Iron minerals are commonly used as As sorbents (Benner et al., 2002; Dixit and Hering, 2003; 
Kneebone et al., 2002; Pedersen et al., 2006). The limited stability of Fe minerals under reducing 
conditions, however, represents a major challenge to the development of As in situ immobilization 
in aquifers. Reducing conditions common in aquifers can lead to reductive dissolution of many 
common Fe(III) (oxyhydr)oxide minerals, remobilizing the associated As (Benner et al., 2002). 
Arsenic can also adsorb on or co-precipitate within Fe(II) sulfide minerals (O'Day et al., 2004; 
Saalfield and Bostick, 2009). Sulfide-based As immobilization strategies can be effective under 
some conditions (Keimowitz et al., 2007; O'Day et al., 2004; Onstott et al., 2011), but these 
methods often are limited by sulfide mineral oxidation, and can be solubilized as thiolated As 




Magnetite, Fe3O4, is a mixed-valence Fe oxide containing both tetrahedral and octahedral Fe(III) 
(Coker et al., 2006; Schwertmann and Cornell, 2008). Unlike many Fe minerals, magnetite is stable 
in a wide range of conditions including Fe(III)-reducing environments where As is typically 
mobilized and bioavailable (An Fe Eh-pH diagram is provided in the supplementary material (SM) 
Figure S1, also showing in situ redox conditions at selected Superfund sites) (deLemos et al., 2006; 
He et al., 2010; Keimowitz et al., 2005; Lipfert et al., 2006; Wovkulich et al., 2014), although 
biogenic and abiogenic magnetite may have different stability towards microbial Fe(III) reduction 
(Muehe et al., 2013b; Piepenbrock et al., 2011). Magnetite can scavenge both As(V) and As(III) 
from solutions through surface adsorption (Chowdhury et al., 2011; Gimenez et al., 2007; Pedersen 
et al., 2006; Wang et al., 2008; Yean et al., 2005). It is also capable of co-precipitating tetrahedral 
As(V) as well as a number of cations (e.g., Al3+, Ti4+, Cr3+, Co2+, Ni2+, Cu2+, Zn2+ and Cd2+) into 
its crystal structure (Coker et al., 2006; Cooper et al., 2000; Jang et al., 2003; Muehe et al., 2013a; 
Saalfield and Bostick, 2009; Schwertmann and Cornell, 2008). So far, the potential of in situ 
immobilization of contaminants on magnetite has seldom been applied to groundwater remediation 
efforts. This is in part because magnetite is typically synthesized through reductive pathways of 
Fe(III) oxyhydroxides at pH >7.5 (SM Table S1), while aquifer pHs at As-contaminated sites are 
commonly circumneutral to acidic, i.e., conditions under which magnetite production through this 
pathway is inhibited (Ayala-Luis et al., 2008; Hansel et al., 2005; Jang et al., 2003; Jolivet et al., 
2002; Schwertmann and Cornell, 2008; Tronc et al., 1992). Magnetite formation can also be 
stimulated by Fe(II)-oxidizing bacteria (Chaudhuri et al., 2001; Dippon et al., 2012), and dissolved 
As can be sequestered through such microbial oxidation (Hohmann et al., 2011; Hohmann et al., 
2010; Senn and Hemond, 2002). Given the stability of magnetite under a relatively broad range of 
aquifer redox conditions, if reliably produced, it could not only achieve but maintain low 
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groundwater As concentrations because magnetite is thermodynamically stable under aquifer 
conditions.   
 
The objectives of the present study are to stimulate magnetite formation in amended microcosms 
containing natural aquifer sediments and groundwater, and to evaluate the effect on immobilizing 
As. The evolution of solution composition and sediment mineralogical transformations in 
microcosms were concurrently traced using several techniques. In all, our data suggest that 
magnetite formation can be achieved by the microbial oxidation of Fe(II) by nitrate, even under 
mildly acidic pH conditions, and that the combination of magnetite and other Fe oxides effectively 
sequesters dissolved As even under sustained Fe(III) reduction.  
 
5.3. MATERIALS AND METHODS  
5.3.1. Site Information and Sample Collection.  
This study uses aquifer sediments and groundwater from the Vineland Chemical Company 
Superfund site (Cumberland County, New Jersey). Descriptions of the Vineland site have been 
previously reported (Wovkulich et al., 2012; Wovkulich et al., 2014). Arsenic contamination here 
resulted from improper storage of As-containing herbicides and salts between 1949 and 1994. 
Before mitigation efforts, the Vineland aquifer sediments were contaminated with typical As 
concentrations of 20 to 250 mg kg-1, and site groundwater As concentrations exceeded WHO 
drinking water standard (10 μg L-1 As) by up to three orders of magnitude. A large P&T system, 
as well as several other strategies, is involved in the current mitigation activities at Vineland. The 
sediments used in this study were derived from a pit freshly dug down below the water table with 
a backhoe in an area that is weakly acidic (pH ~ 6), composed of orange-colored sandy grains. 
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Immediately after retrieval, the sediments were homogenized and sealed in new metal cans. The 
groundwater used in this study was from a P&T well (RW 02) adjacent to the sediment collection 
location. The well was sufficiently flushed before collecting and sealing groundwater in plastic 
cubitainers (no filtering or poisoning of the groundwater). Aquifer sediments and groundwater 
were kept in the dark at 4 °C once collected and brought back to laboratory for experiments. The 
major element composition of this groundwater was stable, and although Fe precipitated from it, 
As concentration was similar to aquifer levels (Wovkulich et al., 2014). 
 
5.3.2. Microcosm Setup: First Set of Microcosms.  
A series of microcosms (Table 1) were performed by mixing 26.5 g homogenized wet sediments 
(24.5 g in dry weight) with 490 mL groundwater, in 500 mL high-density polyethylene bottles. 
After mixing, sediments and groundwater were pre-equilibrated for 24 hours in sealed bottles. The 
microcosms were then treated on Day 0 in duplicate as following: (i) control (amendment-free), 
(ii) nitrate-only treatment (10 mM NaNO3) and (iii) nitrate-Fe(II) treatment (10 mM NaNO3 & 5 
mM FeSO4). Nitrate was chosen as the oxidant rather than oxygen because it is soluble and reacts 
slowly with ferrous Fe. The slow oxidation should limit mineral precipitation in field trials, thus 
preventing clogging in injection wells. Ferrous sulfate was chosen as the source of ferrous Fe 
because it is stable and readily available. For nitrate-Fe(II) treatment, since ferrous Fe hydrolyzes, 
particularly when oxidized, producing H+, NaOH was added 24 hours after nitrate-Fe(II) addition 
to neutralize the ferrous Fe. To test the stability of the amended microcosms, 10 mM Na-lactate 
was added as a model organic carbon source to stimulate microbial activity and reducing 
conditions. Lactate was applied in nitrate-only and nitrate-Fe(II) treatments on Day 10.0 when 
solution compositions stabilized, which made them two-stage incubations with the beginning to 
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Day 10.0 as nitrate-treated “oxidative” stage and Day 10.0 to the end as lactate-treated “reductive” 
stage. These microcosms were incubated simultaneously and semi-anaerobically in sealed bottles 
(oxygen was not excluded from headspace) at room temperature. The presence of some oxygen is 
relevant and necessary for the setup of microcosms with the Vineland sediments, since the 
sediments are somewhat oxic. The duration of this experiment was 38.0 days, during which the 
bottles were opened for subsampling approximately twice per week with < 2 minutes each time. 
During subsampling, microcosms were monitored for pH and Eh, and aliquots (i.e., sediment-
groundwater mixture) were removed and filtered to 0.2 μm. The solutions were acidified and 
analyzed by inductively coupled plasma mass spectrometry (ICP-MS). The sediments contained 
on filter membranes were immediately coated in glycerol to prevent exposure to oxygen and sealed 
in microcentrifuge tubes in the dark at -20 °C for X-ray absorption spectroscopy (XAS) analysis.  
 
5.3.3. Analytical Techniques.  
Solution samples from the microcosms were analyzed by Axiom Single Collector ICP-MS 
(Thermo Elemental) or Element XR ICP-MS (Thermo Fisher Scientific) for dissolved elemental 
concentrations. Germanium (Ge) was added as an internal response standard and used for 
monitoring instrument drift. For As, resolving power of the instrument was set at around 10,000 
to resolve the 75As peak from Ar-Cl interference. Each sample was run three times and averaged. 
Quantification was based on comparison to a six-point standard curve for a multi-element standard. 
Accuracy was verified against known quality controls NIST 1640A and NIST 1643.   
 
Initial Vineland aquifer sediments, and amended sediments on Day 12.5 and Day 38.0 from above 
microcosms, were analyzed for As X-ray absorption near edge structure (XANES) and Fe 
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extended X-ray absorption fine structure (EXAFS) spectra. The analysis was carried out at the 
Stanford Synchrotron Radiation Laboratory (SSRL) on beamline 4-1. The beamline was 
configured with a Si(220) monochromator and a phi angle of 90 degrees. Soller slits were installed 
to minimize the effects of scattered primary radiation. The beam was detuned as needed to reject 
higher-order harmonic frequencies and prevent detector saturation. Sample fluorescence was 
measured in combination with 6 μx Mn filter for Fe and 6 μx Ge filter for As data, respectively, 
with a 13-element Ge detector. Arsenic XANES and Fe EXAFS spectra were processed in 
SIXpack software (Webb, 2005) using standard procedures (Saalfield and Bostick, 2009; Sun et 
al.; Wovkulich et al., 2014). Na-arsenate, Na-arsenite and orpiment (As2S3) were chosen as As 
references. Ferrihydrite, goethite, hematite, magnetite, siderite, mackinawite and Fe(III)-rich illite, 
were chosen as Fe references, consistent with an earlier (micro-XANES) study on Vineland aquifer 
(Wovkulich et al., 2014). Least-squares linear combination fitting (LCF) was used to quantify the 
percentage of each reference, which was then converted to the final amount by multiplying by bulk 
elemental concentration when needed. Quantitation based on standard-addition methods has 
shown that the detection limits of Fe EXAFS-LCF are adequate to quantify magnetite and 
ferrihydrite in such microcosms (Sun et al.).  
 
5.3.4. Second Set of Microcosms and Analytical Techniques.   
To examine magnetite formation and its effect on As partitioning in more detail, a 2nd set of two 
nitrate-Fe(II) microcosms (Table 1) were performed identically to the 1st set (using stored 
groundwater and sediments, no new materials were collected from the Vineland site). One of the 
microcosms was incubated for 12.5 days and the other for 39.5 days. Again, lactate was applied in 
the microcosms on Day 10.0, microcosms were monitored for pH and Eh, and aliquots were 
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subsampled and filtered to 0.2 μm. Each solution sample was analyzed for dissolved elemental 
concentrations by ICP-MS, and for dissolved organic carbon (DOC) by high-temperature catalytic 
oxidation method on a Shimadzu total organic carbon 5000A analyzer. Each sediment sample 
contained on filter membrane and coated with glycerol in a microcentrifuge tube, was measured 
for magnetic susceptibility with a Bartington MS2B instrument following collection. It was then 
dried after being washed by water, and dry mass of the sediments was obtained for susceptibility 
calculation. Aliquots were also subsampled and freeze dried on Day 4.5, Day 12.5 and Day 39.5. 
The freeze-dried sediments were ground to powder using an agate mortar-and-pestle set, and X-
ray diffraction (XRD) patterns over 2-Theta range of 4° to 80° were collected using a PANalytical 
X’pert3 Powder diffractometer with Cu K-alpha radiation (λ = 1.5406 Å). Additionally, the 
remaining sediments after the last set of subsamples in each microcosm were freeze-dried, and 
magnetic particles were separated by a magnet. A subsample of the magnetic separates was 
mounted over the scanning electron microscopy (SEM) sample stubs using flat sticky tabs and 
coated with carbon using Denton Vacuum Evaporator DV-502A. A Zeiss Supra 35 VP SEM with 
Genesis 2000 X-ray energy dispersive spectroscopy (EDS) was then employed for morphological 
and compositional analyses. The rest of the magnetic separates were diluted 50 wt% with boron 
nitride (BN), ground, and also analyzed by XRD.   
 
Immediately after XRD analysis, the powders from the sediments and magnetic separate samples 
were subjected to sequential chemical extraction (Table 2) (Keon et al., 2001; Poulton and Canfield, 
2005). Sediment samples were directly used, whereas the magnetic separates-BN mixtures were 
further diluted 80 wt% with pure quartz. Extractions were conducted with a dry mass size of 150 
mg and an extractant volume of 10 mL, at room temperature in constantly agitated polyethylene 
152 
 
centrifuge tubes. Extractants were prepared freshly, by dissolving chemicals in oxygen-free Milli-
Q water (purged with N2(g)). Extractions were performed in sealed tubes following purging with 
N2(g). At the end of each extraction, suspensions were centrifuged. The supernatants were then 
filtered to 0.2 μm and analyzed by ICP-MS, and solids were treated with the next extractant. After 
extraction, elemental concentrations in residues were determined following microwave-assisted 
acid-digestion (EPA, 1995). To verify the experimental extraction/digestion procedure, As(V)-
adsorbed magnetite and an As(V)-adsorbed ferrihydrite-goethite-magnetite mixtures were also 
prepared, diluted with BN and quartz, and simultaneously extracted/digested and analyzed. (More 
details on mineral synthesizing and sample processing are in SM Figure S2.)    
 
5.4. RESULTS AND DISCUSSION 
5.4.1. Iron Mineralogy and Arsenic Solubility in Different Microcosms.  
Based on XAS analyses (Figure 1 and 2), initial Vineland aquifer sediments used in this study 
contained mostly Fe(III) (97% ± 14% of total Fe) and As(V) (98% ± 1% of total As), and did not 
contain magnetite. Poorly-ordered ferrihydrite dominated the initial sediment Fe, which is an 
effective As adsorbent but susceptible to reductive transformations and often linked to the release 
of adsorbed As into solution under reducing conditions (Pedersen et al., 2006; Raven et al., 1998). 
Sediment As remained as As(V) in the microcosms over the course of incubation. Sediment Fe 
mineralogy and solution composition (Figure 3), however, changed considerably and varied 
widely between microcosm treatment types.  
 
5.4.1.1. Controls and Nitrate-only Microcosms.  
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In the controls without treatment, dissolved As concentrations increased slightly and gradually to 
a maximum of 815 μg L-1 (Figure 3A), due to sediment-solution equilibrium and probably driven 
by microbially mediated reactions with pre-existing organic carbon. Nitrate is known to strongly 
influence Fe and accordingly As, and also meditates As(III) oxidation to As(V) (Gibney and 
Nusslein, 2007; Hohmann et al., 2011; Senn and Hemond, 2002). The addition of 10 mM nitrate 
to the microcosms, however, was ineffective at altering solution composition (Figure 3). 
Subsequent addition of exogenous organic carbon encouraged reductive transformation of Fe(III) 
oxyhydroxides, and led to accumulation of secondary Fe(II)-containing minerals, including 
magnetite, siderite and mackinawite (Figure 1). Correspondingly, a dramatic increase in dissolved 
As concentration (peaked at about 2 mg L-1) was observed. The release of sediment As into 
solution resulted partially from the depletion of surface sites. Moreover, lactate addition caused a 
shift in pH from acidic to pH about 7.8 (Figure 3C), which is above the optimal pH for As(V) 
adsorption on Fe oxides (Chowdhury et al., 2011; Dixit and Hering, 2003). Bicarbonate production 
from lactate oxidation in Ca-containing solutions could also enhance As(V) desorption from 
ferrihydrite and presumably some other minerals (Saalfield and Bostick, 2010).    
 
5.4.1.2. Nitrate-Iron(II)  Microcosms.  
The simultaneous addition of 10 mM nitrate and 5 mM Fe(II)(aq) to microcosms yielded drastically 
different results compared to the nitrate-only treatment. The nitrate-Fe(II) microcosms remained 
slightly acidic over the course of incubation (Figure 3C). These microcosms effectively decreased 
dissolved As concentration to 6 μg L-1 within 1.0 day, and kept it relatively low during not only 
the nitrate-treated oxidative but also the lactate-treated reductive stage of the incubation, with As 
concentration being 36 µg L-1 at the end of the incubation (Figure 3A). Induced by the addition of 
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5 mM ferrous Fe, dissolved Fe concentration was high in the beginning (Figure 3B). Primarily 
attributed to the oxidation of ferrous Fe by nitrate (and some dissolved oxygen) and subsequent 
mineral precipitation, dissolved Fe concentration then dropped to values below 0.5 mg L-1 at the 
end of the incubation. As indicated by Fe EXAFS (Figure 1), Fe mineralogy in these nitrate-Fe(II) 
microcosms changed considerably, with ferrihydrite and goethite being produced dominantly in 
combination with lesser quantity of magnetite. All three Fe mineral products can serve as 
scavengers of dissolved As (Dixit and Hering, 2003), however, have vastly different stability 
towards redox transformation. The quantity of Fe needed for effective removal was studied in a 
series of additional microcosms in which Fe concentrations were varied.  At least 5 mM ferrous 
Fe addition was needed to effectively sequester As within the sediments and, more importantly, 
prevent the release of As into solution during the reductive stage (SM Figure S4).  
 
5.4.1.3. Additional Nitrate-Iron(II)  Microcosms – Magnetic Separates.  
Another two nitrate-Fe(II) microcosms, with the exact same amount of nitrate-Fe(II) addition, 
provided characterization using magnetic susceptibility, sequential chemical extraction, XRD and 
SEM-EDS. Prior to nitrate-Fe(II) addition, pH in these microcosms was half a pH unit higher than 
that in the 1st set. However, the pH difference was stable and the solution composition was 
otherwise reproducible (Figure 4A). Consistently, dissolved As concentration remained low, being 
14 µg L-1 on Day 39.5. Magnetic susceptibility measurements increased from near zero to more 
than 3000 (unitless, CGS units) over the first 10 days and then stabilized (Figure 4B), consistent 
with Fe EXAFS results showing the formation of magnetite during the oxidation of Fe(II) by 
nitrate. This high magnetic susceptibility is indicative of magnetite because other Fe minerals have 
much lower susceptibilities, but susceptibility is difficult to convert to concentration due to sample 
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heterogeneity and magnetic properties that vary with mineral size, morphology and composition 
(Maher, 1988; Porsch et al., 2010). Similar to the 1st set, amended sediments visibly contained 
black particles, which could be collected through magnetic separation once freeze dried. XRD 
confirmed the prevalence of magnetite and quartz in magnetic separates (Figure 5A and 5C) but 
was insensitive to trace phases, including magnetite, in unaltered sediments (SM Figure S5). Iron 
sequential extractions can provide a means of (indirectly) determining Fe mineralogy in sediments 
and in magnetic separates (Figure 6) (Poulton and Canfield, 2005). Extractions on amended 
sediments indicated precipitation of a mineral assemblage of ferrihydrite, goethite and magnetite, 
which is similar to the 1st set but has a much higher fraction of magnetite probably owing to higher 
pH (Cooper et al., 2000; Jang et al., 2003). Extractions also indicated that about 45% (w/w) of the 
magnetic particles were Fe oxides (calculation is in SM Table S3), with the mineral composition 
generally being consistent with the composition derived from the characterization of amended 
sediments.   
 
The magnetite, which was identified by Fe EXAFS, magnetic susceptibility, XRD, and extractions, 
can have a variety of morphologies that affect ion retention properties. XRD diffraction lines for 
magnetite exhibited line broadening typical of nanoparticles (Figure 5B and 5D). The full width 
at half maximum (FWHM) value of 0.39° and 0.42° of the largest magnetite diffraction line at 
35.5° 2-Theta corresponds to a Scherrer domain size of 22 nm and 21 nm (Scherrer, 1918). Quartz, 
which is highly crystalline, had a FWHM of 0.07° on the diffractometer, which indicates that the 
magnetite width was not significantly affected by instrumental broadening. Thus the calculated 
Scherrer width is representative of the actual scattering domain size. This size agreed with high-
magnification SEM images of these magnetic separates, which displayed about 30 nm cubic and 
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botryoidal crystal habits and no sign of morphology change over the course of incubation (Figure 
5C and 5E, additional SEM images are in SM Figure S6). SEM-EDS analysis also indicated the 
significant presence of Fe minerals which existed as coatings on the surface of quartz and other 
minerals.   
 
5.4.2. Magnetite Formation Mechanism.  
The nitrate-Fe(II)-enriched microcosms produced considerable quantities of magnetite and other 
Fe oxides at neutral to acidic pH, i.e., conditions are not specifically favorable for magnetite 
formation (SM Table S1). There are two principal formation mechanisms for magnetite (Hansel et 
al., 2005; Schwertmann and Cornell, 2008): (1) Fe(II)(aq)-induced (re)crystallization of ferrihydrite 
or other Fe(III) minerals, and (2) Fe(II)(aq) and Fe(III)(aq) co-precipitation:  
𝐹𝑒2+ + 2𝐹𝑒(𝑂𝐻)3(s) → 𝐹𝑒3𝑂4(s) + 2𝐻
+ + 2𝐻2𝑂                             (1) 
𝐹𝑒2+ + 2𝐹𝑒3+ + 4𝐻2𝑂 → 𝐹𝑒3𝑂4(s) + 8𝐻
+                                           (2) 
Under reducing conditions, the reductive transformation of Fe(III) minerals (Reaction 1) usually 
directs the generation of magnetite. In such systems, small quantities of Fe(II)(aq) that are released 
through Fe(III) reduction trigger magnetite nucleation (Benner et al., 2002). The magnetite 
produced after lactate addition in the nitrate-only microcosms, which stimulated Fe(III)-reducing 
bacteria and generated Fe(II)(aq), should be mainly governed by this reductive pathway. However, 
in the nitrate-Fe(II) microcosms, according to DOC measurements (Figure 4A), Fe EXAFS, 
magnetic susceptibility, and extraction, (1) the majority of magnetite formation preceded the large 
consumption of organic carbon (Figure 4B and Figure 6), when microcosms were somewhat 
oxidized; and (2) other than magnetite, goethite was the dominant mineral product following 
consumption of organic carbon (Figure 1 and Figure 6), when reductive transformation of 
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ferrihydrite was active. We hypothesize that magnetite formation occurs through a microbial 
nitrate-involved oxidative pathway (Reaction 3) under the experimental conditions:  
15𝐹𝑒2+ + 2𝑁𝑂3
− + 14𝐻2𝑂 → 5𝐹𝑒3𝑂4(s) + 𝑁2(g) + 28𝐻
+             (3) 
The overall pathway involves the partial oxidation of excessive Fe(II)(aq) by nitrate and then the 
Fe(II)(aq) and Fe(III)(aq) co-precipitation (Reaction 2). The Gibbs energy of Reaction 3 illustrates 
the favorability of the oxidative pathway (∆Grxn, SM Figure S7). At pH 6, ∆Grxn is -869.3 kJ mol
-
1 when ferrous Fe and nitrate were introduced (5 mM Fe(II)(aq) and 10 mM nitrate) and is -612.9 
kJ mol-1 even when relevant reaction constituents were largely consumed (5 μM Fe(II)(aq) and 9 
mM nitrate). Direct chemical oxidation of Fe(II) by nitrate is very slow, and probably not 
significant in these microcosms. Reaction 3, therefore, is a microbial process. Because these 
microcosms contained excess nitrate, denitrification likely occurred in parallel to Reaction 3. 
Additional magnetite could be formed by reaction with nitrite, produced during this denitrification, 
and Fe(II)(aq) (Melton et al., 2014): 
9𝐹𝑒2+ + 2𝑁𝑂2
− + 8𝐻2𝑂 → 3𝐹𝑒3𝑂4(s) + 𝑁2(g) + 16𝐻
+                   (4) 
Dissolved oxygen levels were low in such microcosms, but residual oxygen might have been 
responsible for the oxidation of small quantities of Fe(II)(aq). However, the rate of oxidation 
appeared to be relatively slow (with 12 ~ 13 mg L-1 of dissolved Fe still present after 10 days of 
reaction, Figure 3B), which is largely consistent with typical rates of nitrate-dependent microbial 
oxidation (Straub et al., 1996). Many chemoautotrophs that can mediate the oxidation of ferrous 
Fe by nitrate are encountered in groundwater, freshwater, and marine environments (Hohmann et 
al., 2011; Jiao et al., 2005; Pantke et al., 2012; Senn and Hemond, 2002), and several appear to 
facilitate magnetite formation (Chaudhuri et al., 2001; Dippon et al., 2012; Miot et al., 2014; Zhao 
et al., 2013). Similar bacteria are likely to be present in the Vineland aquifer and experiments to 
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characterize these species in these and other sediments are an ongoing effort. Magnetite, regardless 
of how it is formed, is relatively stable over a wide range of pH and redox conditions, and thus is 
less susceptible to reductive dissolution, which affects the suitability of other common Fe minerals 
(SM Figure S1) as As scavengers. 
 
5.4.3. Arsenic Retention by Precipitated Iron Mineral Assemblage.   
In the nitrate-Fe(II) microcosms, aqueous As was incorporated into the solid phase upon Fe 
mineral precipitation. Sequential extractions of sediments and magnetic separates were used to 
estimate which of these Fe minerals were the most important for enhanced As retention. The 
extraction data indicated that the magnetic separates, which were enriched in magnetite, were also 
highly enriched with As (Figure 7). These magnetic separates contained 1434 mg kg-1 As at the 
end of incubation, 12x the concentration found in the Vineland sediments prior to any treatment. 
(Relevant mass balance calculations are in SM Table S3).    
 
At least a portion of the As in the nitrate-Fe(II) microcosms is also bound to ferrihydrite, which 
has a high adsorption capacity and fast adsorption kinetics for As(V) (Dixit and Hering, 2003; 
Raven et al., 1998). However, despite the fact that ferrihydrite is susceptible to reductive 
dissolution, As was not released from the nitrate-Fe(II) amended sediments even under the 
reductive stage of the incubation. This is in stark contrast to dramatic As release observed in the 
nitrate-only microcosms and in numerous reductive model systems that contain As-bearing 
ferrihydrite (Pedersen et al., 2006). The Fe(II)-catalyzed transformation of ferrihydrite to more 
stable phases could affect As partitioning. In these nitrate-Fe(II) microcosms, a part of the Fe(II)(aq) 
adsorbed on ferrihydrite and catalyzed mineral transformation to less reactive crystalline goethite 
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(Figure 1 and Figure 6). Arsenic adsorption on goethite could have contributed to the stability of 
As retention, but this conversion also lowered surface area and thereby the amount of As 
adsorption (Gimenez et al., 2007).  
 
We used a combination of sequential extractions and spectroscopy to show that a combination of 
adsorption to and co-precipitation within magnetite helped maintain low dissolved As 
concentrations during reduction. Of these, As incorporation into the crystal lattice of magnetite 
would be advantageous for remediation because magnetite (1) is thermodynamically stable under 
a wide range of pH and redox conditions (SM Figure 1) and (2) is kinetically stable, with As release 
only being possible in conjunction with slow mineral dissolution. Sequential extractions indicated 
that a quarter of the As in the nitrate-Fe(II) microcosms was bound within magnetite structure, and 
that a similar fraction of As was adsorbed to the magnetite surface (Figure 7). Coker et al. (2006) 
identified two distinct broad peaks at 11883 and 11895 eV in As XANES spectra of structural 
As(V) in magnetite. The As XANES spectra of nitrate-Fe(II) amended sediments is distinct from 
spectra of the other samples (Figure 2), although the diagnostic broad  peaks are not obvious due 
to combined spectral contributions from several phases of solid As, presumably including As(V) 
within magnetite structure, and As(V) on the surfaces of ferrihydrite, goethite and magnetite. 
During the reductive stage, the fraction of As adsorbed to magnetite increased considerably, far 
beyond the levels of As associated with crystalline oxides such as goethite (Figure 7). The 
preference for magnetite is in part due to its nano-particulate size and associated with that high 
surface area (Figure 5). Even if Fe(III) reduction had further proceeded and completed reductive 
dissolution/transformation of both ferrihydrite and goethite, the amount of magnetite that prevailed 
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in the nitrate-Fe(II) microcosms would have provided sufficient  surface sites for all the associated 
As (Dixit and Hering, 2003; Gimenez et al., 2007).  
 
5.5. IMPLICATIONS TO FUTURE REMEDIATION EFFORTS 
This study represents an initial attempt to produce relatively stable As sequesters by simultaneous 
addition of ferrous Fe and nitrate, which can be achieved under neutral to mildly acidic pH 
conditions common in subsurface systems and appears to effectively immobilize As. Magnetite is 
one of the minerals produced by nitrate-Fe(II) addition. Since (1) magnetite could incorporate As 
into its structure during formation and could continue to sequester As through adsorption after 
formation, and (2) magnetite is less susceptible to redox changes under typical aquifer conditions, 
magnetite might serve as an advantageous host-mineral for As immobilization. This strategy was 
investigated using groundwater and sediments from the Vineland Superfund site, which contains 
mostly As(V), but could be effective at many other sites with weakly reducing conditions. 
Arsenic(III) also adsorbs on magnetite, and if oxidized to As(V), could also be incorporated into 
magnetite (Amstaetter et al., 2009; Chowdhury et al., 2011; Dixit and Hering, 2003; Wang et al., 
2008). The current nitrate-Fe(II) amendment also produced ferrihydrite which is vulnerable to 
reductive dissolution. To be a feasible remediation strategy for groundwater As contamination, the 
composition of the amendments probably need to be further refined such that less ferrihydrite is 
produced. One approach could be to decrease the rate of Fe(III)(aq) production so that there would 
be enough Fe(II)(aq) to be co-precipitated into magnetite (Jolivet et al., 1992). To achieve this, the 
optimal pH, Fe(II) and nitrate concentrations should be determined, and dissolved oxygen should 
be more strictly excluded. Since ferrihydrite might play a role in the efficiency of As removal, 
investigations are also required on whether less ferrihydrite production would affect the overall 
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effectiveness of the strategy. Specialized bacterial strains could also be used to control particle 
size, or to enhance specific metabolic pathways following nitrate-Fe(II) addition. The presence of 
other solutes also could impact As retention on minerals, by competing for surface sites, or 
influencing mineral morphology and properties (Larese-Casanova et al., 2010; Porsch et al., 2010; 
Schwertmann and Cornell, 2008). Continued efforts are required, through both laboratory 
experiments and in situ trials, to establish and improve this remedial strategy. Reactive transport 
modeling of experimental data will also be useful to better understand the biogeochemical 
processes that affect treatment, and to evaluate the long-term potential of remedial action. 
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Tables S1 – S3 and Figures S1 – S7. The supplementary tables and figures contain information 
from previous publications regarding magnetite formation, Fe Eh-pH diagram, mass balance 
calculations, reference and sample Fe EXAFS spectra, detailed linear combination fitting results 





5.7. TABLES AND FIGURES 














Control Amendment-free no 
Two microcosms 
each type, both 
38.0 days 
pH, Eh, dissolved elemental 




Sodium nitrate yes 
Nitrate-Fe(II) 
Treatment 










one for 12.5 days, 
the other for 39.5 
days 
pH, Eh, dissolved elemental 
concentrations, dissolved 
organic carbon, magnetic 
susceptibility, magnetic 
separation, sequential chemical 
extraction/digestion, 





Table 5.2. Steps of sequential chemical extractions. The extraction scheme mainly followed 
Poulton and Canfield (2005) and Keon et al. (2001). The target Fe phases were listed specifically 
for this study (not universally), based on sediment Fe mineralogy determined; the target As phases 
were listed accordingly, and were all As(V), based on sediment As speciation determined. 
 
Step Extractant and time Target Fe phase Target As phase 
1 
1 mol L-1 magnesium chloride, pH 7, 2 h,  
one repetition  
Exchangeable Fe Loosely bound As 
2 a 
1 mol L-1 hydroxylamine-hydrochloride  
in 25% v/v acetic acid, 48 h, one repetition  





 50 g L-1 sodium dithionite, pH 4.8 with acetic 
acid/sodium citrate, 2 h, one repetition  
Crystalline Fe oxides 
(goethite and hematite) 
Goethite and hematite 
associated As 
4 
1 mol L-1 sodium phosphate, pH 5, 16 h & 24 h,  
one repetition for each time period 
-- Magnetite adsorbed As 
5 a 
 0.2 mol L-1 ammonium oxalate/0.17 mol L-1  
oxalic acid, 6.5 h, one repetition  












Figure 5.1. Iron mineralogy in the sediments prior to any treatment (initial sediments) and in the 
sediments amended with different treatments, determined by Fe EXAFS-LCF (spectra and fits are 
in SM Figure S3 and Table S2). Concentrations are provided on a dry mass basis. Sediment 


















































Figure 5.2. Normalized As XANES spectra. The spectra are vertically offset for clarity. Sediment 
samples from duplicate microcosms were combined before analysis, dashed lines – Day 12.5, solid 
lines – Day 38.0. Reference spectra are included for comparison. Arsenic XANES of magnetite 
structural As(V) was obtained from Saalfield and Bostick (2009), showing broad peaks (b.p.) at 
































Figure 5.3. Dissolved (A) As and (B) Fe concentrations, and (C) pH and (D) Eh, from the 1st set 
of microcosms as a function of time. The starting points (time = -0.05 ~ -0.04 day) are from the 
pre-equilibrated microcosms right before the addition of amendments (defined as time zero). The 
dashed lines, beginning at 10 days, indicate the portion of the microcosm experiment where lactate 
was present to stimulate reducing environment. Errors represent standard deviations between 
duplicate microcosms, some of which are smaller than the size of symbols used. For clarity, in 
subplot (B), dissolved Fe concentrations from nitrate-Fe(II) treatment were plotted on the primary 




















































































































Figure 5.4. (A) Dissolved As concentration, DOC centration, and pH from the 2nd set of nitrate-
Fe(II) microcosms. The dashed lines indicate the time at which lactate was amended to stimulate 
a reducing environment. Errors were computed from duplicate microcosms, where available. (B) 































































































Figure 5.5. XRD patterns of magnetic separates from the 2nd set of nitrate-Fe(II) microcosms with 
Cu K-alpha radiation (λ = 1.5406 Å), both full range and range focused on the magnetite 35.5° 
diffraction peak, and SEM images. (A)(B)(C) Showing magnetic separates from Day 12.5. 
(D)(E)(F) Showing magnetic separates from Day 39.5. Quartz – Qz, magnetite – Mgt, and boron 



































































































Figure 5.6. Recoveries of Fe in the various extraction/digestion steps from (i) sediments prior to 
treatment (ii) amended sediments and magnetic separates from the 2nd set of nitrate-Fe(II) 
microcosms. The procedure was validated on As(V)-adsorbed magnetite and an As(V)-adsorbed 












































































Figure 5.7. Recoveries of As in the various extraction/digestion steps from (i) sediments prior to 
treatment (ii) amended sediments and magnetic separates from the 2nd set of nitrate-Fe(II) 
microcosms. The procedure was validated on As(V)-adsorbed magnetite and an As(V)-adsorbed 
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Table S5.1. Information from previous publications regarding magnetite formation (Ayala-Luis et 
al., 2008; Hansel et al., 2005; Jang et al., 2003; Jolivet et al., 2002; Schwertmann and Cornell, 
2008; Tronc et al., 1992). 
  
  
Reference Experimental method Mineralogy
Tronc et al., 1992 Alkalization of Fe(II) and Fe(III) at various 
Fe(II)/Fe(III) ( x ) between 0 and 0.5.
At x ≥ 0.4, the spinel formed from the start. At x ≤ 0.2, a 
mixed-valence, short-range ordered material formed; it 
transformed to goethite at x = 0.05, and exclusively to 
spinel at x > 0.1. 
Schwertmann and Cornell, 
2000
Oxidative hydrolysis of FeSO4 or FeCl2 solution in 
an alkaline media. Reaction needs to be carried
out at elevated temperature and must be carried 
out under oxygen-free environment.
Magnetite was obtained. The resulting magnetite was close 
to the stoichiometric composition. Crystal size between 
0.05 and 0.2 μm, surface area below 4 m2/g, and sharp XRD 
lines.
Raise the pH to 9 - 10 of a Fe(II) and Fe(III) 
solution with a Fe(II)/Fe(III) ratio of 0.5.
Poorly crystalline magnetite was obtained.
Jolivet et al., 2002 Co-precipitate Fe(II) and Fe(III) with Fe(II)/Fe(III) = 
0.5. Various samples were prepared in the range 
8.5 ≤ pH ≤ 12. 
Magnetite was obtained. The mean size decreased with 
increasing pH of the precipitation medium.
Jang et al., 2003 Fe(II) plus chloride, nitrate or sulfate were added 
to pre-formed hydrous ferric oxide, at pH 6.5.
It transformed into goethite in the presence of chloride, 
into goethite and lepidocrocite in the presence of sulfate, 
and into goethite and magnetite in the presence of nitrate.
Hansel et al., 2005 React ferrihydrite-coated sand with 0.2 and 2.0 
mM FeCl2 under pH 6 - 8.
Increasing pH to 8 induced the conversion to magnetite, 
while decreasing pH to 6 impeded magnetite formation.
Ayala-Luis et al., 2008 Suspensions of greenrust sulfate, with pH slightly 
> 8, were titrated with 1 M H2SO4 under anoxic 
conditions, until pH = 3.
Magnetite was the only solid phase formed when the
equilibrium pH was maintained above 7. As pH decreasing, 
goethite started to form.
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Table S5.2. Iron mineralogy in the initial Vineland aquifer sediments and in the sediments 
amended with different treatments in the 1st set of microcosms, determined by Fe EXAFS linear 
combination fitting. Sediments from duplicated microcosm were combined before analyses. All 
concentrations are on a dry mass basis. Errors reported by SIXpack reflect error propagation from 
fitting, spectral noise in sample and reference spectra, and similarities between reference spectra. 






















Init. sediment 0 762 ±142 155 ±64 93 ±24 4 ±49 32 ±26 0 ±42 140 ±33 385 1.80
Nitrate-only 
treatment
12.5 524 ±118 327 ±44 78 ±22 0 ±34 44 ±19 30 ±33 182 ±26 144 0.68
38.0 311 ±123 185 ±48 0 ±25 242 ±37 166 ±21 174 ±39 110 ±29 125 0.58
Nitrate-Fe(II) 
treatment
12.5 3711 ±614 1757 ±265 0 ±104 973 ±175 67 ±69 0 ±178 257 ±126 114 0.53
38.0 2477 ±688 2998 ±252 27 ±116 1152 ±184 47 ±85 0 ±182 211 ±138 258 1.21
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Table S5.3. Mass balance calculation for reapportionment in mineral phases, assuming the 
composition of the magnetic separates we recovered from the nitrate-Fe(II) amended sediments 
represents the entire Fe mineral assemblage. Formulas of FeIII(OH)3, Fe
IIIOOH, and FeIIFeIII2O4  
were used for ferrihydrite (Fh), goethite (Gt), and magnetite (Mgt), respectively.  
 
  
Initial condition groundwater 5 mM Fe(II)(aq) 385 ppb As(aq) 490 mL
sediment 1187 ppm Fe 123 ppm As 24.5 g
Amended condition groundwater 0 mM Fe(II)(aq) 5 ppb As(aq) 490 mL
General
new precipitated Fe 137 mg Fe
Fe in Fe oxides 65 % Fe 50% Mgt, 30% Fh, 20% Gt
new precipitated mineral 212 mg Fe oxides
from groundwater into sediment 5552 ppm Fe 8 ppm As
sediment 6729 ppm Fe 130 ppm As 24.7 g
Magnetic separates total magnetic separates 42 % as Fe oxide
Day 12.5 assume reduction happened 859 ppb As(aq) additional As release
sediment part 1187 ppm Fe 106 ppm As
Fe oxides part 64 % Fe 58% Mgt, 29% Fh, 13% Gt 2876 ppm As
total magnetic separates 27.1 % Fe 1208 ppm As
mass balance check sediment 130 ppm As
Magnetic separates total magnetic separates 48 % as Fe oxide
Day 39.5 assume reduction happened 913 ppb As(aq) additional As release
sediment part 1187 ppm Fe 105 ppm As
Fe oxides part 66 % Fe 60% Mgt, 22% Fh, 18% Gt 3001 ppm As
total magnetic separates 31.7 % Fe 1434 ppm As
mass balance check sediment 130 ppm As
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Figure S5.1. Iron Eh-pH diagram (Conditions: 25°C; 10 μM Fe, 1 μM sulfate, 1 mM carbonate), 
which shows a large stability field of magnetite. The greenish area indicates where reductive 
dissolution of ferrihydrite is favorable, but magnetite is stable. Iron Eh-pH diagram were 
constructed using Geochemist’s Workbench (Rockware Inc., Golden, CO) with the Lawrence 
Livermore National Laboratories combined database (Delany and Lundeen, 1990).  Redox data 
from many As-impacted sites were plotted (Delemos et al., 2006; He et al., 2010; Keimowitz et 
al., 2005; Lipfert et al., 2006; Wovkulich et al., 2014).  
 
   
































Figure S5.2. XRD patterns of synthetic Fe minerals used for testing the experimental procedure 
of sequential chemical extraction and digestion. Ferrihydrite and goethite were prepared following 
Schwertmann and Cornell (2008): ferrihydrite was prepared by precipitating ferric nitrate with 
potassium hydroxide at pH 7 – 8; goethite was prepared by oxidation of ferrous sulfate in the 
presence of carbonate at pH 6 – 7. Magnetite were prepared following Jolivet et al. (2002), by 
precipitating ferrous and ferric Fe from a ferrous sulfate and ferric nitrate mixed solution with a 
Fe(II)/Fe(III) ratio of 0.5 at pH 9 – 10 in oxygen-free environment (95% nitrogen and 5% 
hydrogen). All minerals were freeze dried. Identities were confirmed as 2-line ferrihydrite, micro-
crystalline goethite, and poorly crystalline magnetite by XRD analysis.  
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Arsenic(V)-adsorbed magnetite and As(V)-adsorbed ferrihydrite-goethite-magnetite mixture were 
prepared and processed as follows: 
A. Dissolve sodium arsenate in artificial groundwater which was buffered at pH 7 with PIPES, 
analyze for As concentration by ICP-MS; 
B. Add minerals to the As containing solutions, either magnetite alone or all three minerals, and 
let adsorption happen; 
C. After 72 hours, centrifuge at 4000 rpm for 10 minutes, freeze dry solids, and analyze solution 
for As centration by ICP-MS; 
D. For theoretical Fe concentrations, calculate from formula Fe(OH)3, FeOOH and Fe3O4 for 
ferrihydrite, goethite and magnetite, respectively; 
E. For theoretical adsorbed As concentrations, calculate from ICP-MS data; 
F. Dilute dry solids with BN and quartz, use in extraction and digestion together with the Vineland 




Figure S5.3. (A) Iron EXAFS spectra of the Fe mineral references used in linear combination 
fitting. The spectra are vertically offset for clarity. (B) Iron EXAFS spectra and least square fits of 











































Figure S5.4. Dissolved As concentrations from additional microcosms as a function of time, which 
used Vineland groundwater from P&T well RW04 (which had lower As concentration than RW02 
used in main manuscript) and were incubated for 30 days before adding lactate. There additional 
microcosms were used to study the impact from added Fe concentration on As. Microcosms from 
main manuscript were also plotted for comparison. The initial data points (time = -1 day) are from 
initial Vineland site groundwater used (RW04 and RW02). Reported errors represent standard 





5mM Fe(II)(aq), 10mM nitrate, 1st set
5mM Fe(II)(aq), 10mM nitrate, 2nd set
0.1mM Fe(II)(aq), 10mM nitrate
0.5mM Fe(II)(aq), 10mM nitrate
1mM Fe(II)(aq), 10mM nitrate
Duration (days)





























Reductive Stage (lactate addition)
Additional microcosms in supplement:




Figure S5.5. XRD pattern obtained from initial Vineland aquifer sediments, and from amended 
sediments from the 2nd set of nitrate-Fe(II) microcosms on Day 4.5, Day 12.5 and Day 39.5. Only 













































































































Figure S5.6. SEM images: magnetic separates from amended sediments from the 2nd set of nitrate-
Fe(II) microcosms on (A)(B) Day 12.5 and (C)(D) Day 39.5. Scale bar for (A)(C) = 100 μm, scale 
bar for (B)(D) = 100 nm. The images shown are representative of the samples as a whole, and 











Figure S5.7. Gibbs energy of Reaction 3 as a function of dissolved ferrous Fe concentration, under 
conditions of pH 6 and 10 mM nitrate. The data were calculated using Geochemist’s Workbench. 




























- ∆rxnG = 85.5 x log (Fe
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produces ferrihydrite & 
magnetite.
Microbial reduction of 
ferrihydrite & goethite
releases As.
Magnetite is stable 





Magnetite is advantageous to groundwater As immobilization because it is stable under typical 
aquifer conditions. Our recent microcosm study suggested that an Fe oxide assemblage including 
magnetite can be produced by Fe(II) oxidation with nitrate. Here, a column study is conducted to 
investigate the nitrate-Fe(II) strategy under oxygen-depleted condition, in which aquifer 
sediments from the Dover Municipal Landfill Superfund site were reacted with amended 
groundwater at 2 pore volumes (PVs) per day. Effluent composition was monitored, and 
sediment composition was analyzed on sacrificed replicate columns. 1 mM lactate and 100 µg L-
1 As(III) were added in 38 PVs of influents for pre-equilibration, which caused sediment As 
release. 10 mM nitrate and 4 mM Fe(II) (as ferrous sulfate) were then simultaneously added for 
38 PVs, which effectively immobilized As. Then 10 mM lactate was used for 45 PVs to 
stimulate microbial reduction, resulting in little As release (< 10 µg L-1); even under long-term 
addition of 1 mM lactate and 100 µg L-1 As(III), effluent As concentration remained < 10 µg L-1 
for another 80 PVs. Mineralogical analyses suggest that magnetite and ferrihydrite were 
produced by nitrate-Fe(II) addition; and that magnetite was stable, which incorporated As into its 




As a result of natural processes and/or anthropogenic activities, unsafe levels of dissolved arsenic 
(As) in groundwaters are found in many parts of the world (Fendorf et al., 2010; Morin and 
Calas, 2006; Smedley and Kinniburgh, 2002). Arsenic contamination is also currently found at 
around 50% of National Priorities List (NPL, “Superfund”) sites in the U.S., many of which have 
adversely impacted groundwater quality (ATSDR, 2013; EPA, 2002). Establishing effective 
techniques for groundwater As remediation could be highly beneficial, however, has proven 
difficult. In situ As immobilization has been attractive as a remedial method, which is aimed at 
precipitating and/or adsorbing dissolved As within the aquifer matrix and often involves iron (Fe) 
mineral formation (EPA, 2002). Iron minerals, to be specific, Fe(III) oxides under oxic 
conditions and Fe(II) sulfides under reduced conditions, are well-known As sorbents (Benner et 
al., 2002; Dixit and Hering, 2003; Kneebone et al., 2002; Pedersen et al., 2006). However, the 
fact that these Fe minerals are susceptible to microbially-mediated redox changes common in 
subsurface environments hampers the long-term success of in situ As immobilization.   
 
Magnetite (Fe3O4) is a mixed-valence Fe oxide, which, unlike many common Fe minerals, is 
stable in a relatively wide range of conditions including both oxic condition and Fe(III)-reducing 
condition where As is often solubilized (deLemos et al., 2006; He et al., 2010; Keimowitz et al., 
2005). Magnetite can scavenge dissolved As through surface adsorption (Chowdhury et al., 
2011; Gimenez et al., 2007; Pedersen et al., 2006; Wang et al., 2008; Yean et al., 2005), and can 
co-precipitate As via incorporation into its crystal structure (Coker et al., 2006; Saalfield and 
Bostick, 2009; Sun et al., 2016). Our recent study, which used batch microcosms added with 
oxidized aquifer sediments from the Vineland Chemical Company Superfund site and As(V)-rich 
194 
groundwater, demonstrated that simultaneous addition of nitrate and Fe(II) (added as FeSO4) can 
lead to the formation of an Fe mineral assemblage including nanoparticulate magnetite and can 
subsequently immobilize dissolved As (Sun et al., 2016). Given its stability under typical redox 
conditions in aquifers, magnetite has the potential to ensure long-term As immobilization. The 
nitrate-Fe(II) amendment, therefore, merits further research to be established as a feasible and 
improved strategy for groundwater As remediation.  
 
The present study uses a series of one-dimensional columns loaded with reduced aquifer 
sediments from the Dover Municipal Landfill Superfund site and As(III)-rich influents, to further 
investigate the magnetite-based As immobilization strategy. The specific objectives were to 
examine Fe mineral formation and As fate by nitrate-Fe(II) addition under continuous flow 
condition at realistic flow rates and sediment-to-solution ratios, and to evaluate whether the 
formed Fe minerals can retain As under reducing conditions, and when additional As is supplied 
through advection. The evolution of solution composition and solid mineralogical 
transformations in the columns were concurrently traced in this study. In all, our data suggest 
that the in situ formation of magnetite and other Fe oxides can effectively immobilize dissolved 
As even under prolonged microbial reduction, and that magnetite can immobilize additional As 
and thus serve as a dispersed reactive filter when As-contaminated water migrates through.   
 
6.3. MATERIALS AND METHODS 
6.3.1. Site and Sediment Information. 
The Dover Municipal Landfill Superfund site (Dover, New Hampshire) was classified as a 
Superfund site in 1983, with the primary constituents of concern being volatile organic 
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compounds (VOCs) and As (EPA, 2006). There is no known anthropogenic As source at the site, 
and this landfill site is similar to other landfill sites where elevated groundwater As 
concentrations were caused by the reducing conditions beneath the landfill mobilizing As from 
unconsolidated local sediments (deLemos et al., 2006; Keimowitz et al., 2005). Vapor extraction  
and pump-and-treat were decided to be the remediation strategies for the site for VOCs and As 
respectively (EPA, 2006), and following the decision, a network of extraction wells was installed 
along the down-gradient toe of the landfill. Groundwater VOC concentrations have decreased 
owing to successful vapor extraction, natural attenuation and degradation processes associated 
with flushing. Groundwater As concentrations, however, have not decreased appreciably and 
groundwaters from some of the wells have dissolved As concentrations up to 150 μg L-1. The 
aquifer sediments used in this study were collected when extraction wells EW1 and EW8b were 
installed at the southwest and southeast toe of the landfill, respectively, by sonic vibration 
drilling. Immediately following collection, the Dover sediments were sealed and refrigerated in 
steel cans with epoxy liners, and returned to laboratory for experiments. Detailed descriptions of 
the Dover site and collection, handling and characterization of its sediments have been published 
elsewhere (Sun et al., submitted).  
 
6.3.2. Column Set-up and Flow Condition. 
To conduct column experiments, Dover sediments were mixed with autoclaved sands (50%/50% 
w/w dry mass, quartz sands with high purity from Acros Organics, 40-100 mesh) to improve 
flow properties. The sediments were homogenized in an anaerobic glove box filled with a 
95%/5% N2(g)/H2(g) mixture, and then wet-packed into three identical sections of polycarbonate 
column with 4 cm inner diameter and 0.5 cm walls. Before use, the column parts were washed 
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with 70% ethanol and then autoclaved Milli-Q water. Column length packed with sediments was 
20 cm. Glass wool was packed into each end of the columns to help distribute solution over the 
full cross sectional area. These three columns are referred to hereafter as the Dover columns. A 
fourth column with the exact same dimension was packed with autoclaved sands, and is referred 
to hereafter as the sand column. Using bromide breakthrough curves, effective porosity of the 
three Dover columns was estimated to be 0.28 – 0.30, similar to the Dover site (between 0.20 
and 0.33), and effective porosity of the sand column was estimated to be 0.30. These four 
columns were run simultaneously and oriented vertically with influents going up (Supporting 
Information (SI) Figure S1). Different (synthetic) influents were used at different time periods, 
making a five-stage experiment (Table 1, Stage I to V). Influents all began with typical 
groundwater composition (Benner et al., 2002; Saalfield and Bostick, 2009) – artificial 
groundwater (A-GW), which consisted of Milli-Q water amended with 0.02 mM NH4Cl, 1.0 mM 
KCl, 0.4 mM MgSO4, 0.4 mM CaCl2, and 10 mM PIPES buffer. For the different stages of the 
experiment, the A-GW was processed further with additional chemicals, such as Na-lactate, 
NaNO3, FeSO4, NaAsO2 and/or NaBr, and pH adjustment to pH 7 (see Table 1 for details). The 
use of FeSO4 and NaNO3 was consistent with our recent microcosm study (Sun et al., 2016). 
Lactate was used as a model organic carbon source to stimulate microbial activity and reducing 
conditions. The influents were purged with N2(g) throughout the experiment and injected into the 
columns by a peristaltic pump (ISMATEC) at the rate of 2 pore volumes (PVs) per day. The total 
duration of the column experiment was 4 months. Column effluents were collected by a fraction 
collector (LKB Bromma). Some effluent samples were measured for pH immediately following 
collection using a calibrated electrode, some were acidified to 1% HCl and analyzed by 
inductively coupled plasma mass spectrometry (ICP-MS), and some were unacidified and 
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analyzed by ion chromatography (IC). Because sulfide smell was noticed in effluents from the 
sand column at Stage V of the experiment, a few effluent samples were preserved with Zn-
acetate (Hare et al., 1994) and analyzed for dissolved sulfide concentration. The columns were 
sacrificed at different time for mineralogical analyses. Each column was divided into 5 sections 
(4 cm each) using a tube cutter and the solids were immediately retrieved from the column 
sections. Parts of the solids were immediately freeze dried and then used in magnetic 
susceptibility measurement, and mineralogical characterization by sequential extraction and 
digestion. Parts of the solids were also immediately coated in glycerol and stored at -20°C for X-
ray absorption spectroscopy (XAS) analysis.   
 
6.3.3. Analytical Procedures for Solid Samples. 
Magnetic susceptibility were measured on the freeze-dried solids with a Bartington MS2B 
instrument. The freeze-dried solids were also ground to powders using an agate mortar-and-
pestle, and then subjected to sequential extractions. Solid mineralogy was characterized using the 
sequential extraction procedure of Sun et al (2015) (Sun et al., 2016), and is designed to 
differentiate magnetite from other Fe oxyhydroxides, and distinguishes between As co-
precipitated and adsorbed to magnetite (SI Table S1). Elemental concentrations in solid residues 
after extractions were determined following microwave-assisted acid-digestion (EPA, 1995). 
Arsenic X-ray absorption near edge structure (XANES) spectra were collected on the glycerol-
coated solid samples from the Dover columns. The analysis was carried out at the Stanford 
Synchrotron Radiation Laboratory (SSRL) on beamline 11-2, configured with a Si(220) 
monochromator and a phi angle of 0 degrees. Sample spectra were collected with a 100-element 
Ge detector in fluorescence mode, in combination with a 6 μx Ge filter. The spectra were then 
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processed in SIXpack (Webb, 2005). Normalized As XANES spectra was compared with 
reference spectra of Na-arsenate, Na-arsenite and orpiment (As2S3). Iron extended X-ray 
absorption fine structure (EXAFS) spectra were also collected and described in detail in SI 
Figure 2. 
 
6.3.4. Analytical Procedures for Solution Samples. 
Dissolved elemental concentrations in column effluents and extraction/digestion samples were 
determined by Element XR ICP-MS (Thermo Fisher Scientific) using previously published 
procedures (Sun et al., submitted; Sun et al., 2016). Quantification for each element was based 
on comparison to a six-point standard curve from a multi-element standard. Accuracy was within 
100 ± 5% for each element measured, based on certified NIST standards. Dissolved bromide, 
nitrate and nitrite concentrations in column effluents were determined using a Dionex ICS-2000 
IC system (Sunnyvale) with an IonPac AS15 analytical column and an AG15 guard column 
using a self-regenerating KOH eluent. Eight-point calibration curves were used for quantification 
and were analyzed throughout each batch of samples; all calibration curves used for analysis had 
R2 ≥ 0.99. Dissolved sulfide concentrations in Zn-acetate preserved column effluents were 
analyzed immediately following collection using the methylene blue method (Rice et al., 2012).  
 
6.4. RESULTS  
6.4.1. The Dover Columns. 
Effluent Composition. Stage I of the experiment was designed to mimic landfill condition with 
38 PVs of influents containing 1 mM lactate and 100 µg L-1 As, during which As immobilization 
and release were both observed in the Dover columns (Figure 1A). The dynamics of dissolved 
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As in effluents coincided or followed the dynamics of dissolved Fe (Figure 1B), both of which 
resulted from microbial reduction that was stimulated by exogenous organic carbon - lactate, 
because effluent As and Fe concentrations were consistently low when lactate-free influent was 
used (SI Figure S3). During Stage II, these columns were amended with nitrate-Fe(II)-containing 
influents for 38 PVs. Effluent As concentration quickly decreased to < 10 µg L-1 (i.e., U.S. 
Environmental Protection Agency’s (EPA) Maximum Contaminant Level for drinking water for 
As) and maintained low during this stage. Effluent nitrate and Fe concentrations were high as 
induced by the nitrate-Fe(II) addition (Figure 1B and 1C), whereas nitrite was never detected in 
the effluent. Since ferrous Fe hydrolyzes, particularly when oxidized, producing H+, pH dropped 
about half a pH unit in Stage II (Figure 1D). When nitrate-Fe(II) amendment was discontinued 
during Stage III, effluent nitrate and Fe concentrations quickly decreased and pH increased back 
to near pH 7. During Stage IV when 10 mM lactate was added for 45 PVs, Fe(III) reduction was 
apparent, with effluent Fe concentration being between 0.2 and 0.4 mM; effluent As 
concentration, however, remained < 10 µg L-1 (Figure 1A and 1B). Stage V of the experiment 
used the same influent with Stage I but lasted much longer, for 120 PVs (> 3 times of Stage I). 
Effluent As concentration remained < 10 µg L-1 for about 80 PVs, and then slowly increased to 
46 µg L-1 at the end of this stage/experiment (Figure 1A). Effluent Fe concentration was between 
0.05 and 0.1 mM during Stage V, indicating continued Fe(III) reduction (Figure 1B). Additional 
effluent data show that dissolved sulfide was not present, dissolved P (indicating phosphate) 
concentration was low (which was often under ICP-MS detection limit of 5 µg L-1 when 
accounting for dilutions, data not shown), and that dissolved Ca concentration was variable over 
the course of the experiment probably due to cation exchange (SI Figure S4). Although some 
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small differences in effluent composition were observed, replicate Dover columns, when 
available, behaved similarly with each other. 
 
Sediment Iron Mineralogy. Sediment Fe mineralogy was influenced by nitrate-Fe(II) addition 
and microbial reduction over the course of the experiment. The initial Dover sediments did not 
contain magnetite, and contained primarily non-reactive Fe-bearing silicates (76 mol% of Fe in 
solid residues after sequential extractions) and lesser quantities of carbonates, (oxyhydr)oxides 
and sulfides (Figure 2). This agrees with Fe EXAFS results on the Dover sediments (Sun et al., 
submitted). Following the injection of nitrate-Fe(II) amendment during Stage II, the amended 
Dover sediments at the column inlet visibly contained black-colored particles that could be 
collected by a magnet (SI Figure 1). Consistently, magnetic susceptibility of the sediments 
increased from about 40 (unitless, CGS units) prior to any treatment to nearly 2000 at the column 
inlet (Figure 2). Sequential extractions also identified a significant increase in the fraction of 
redundant Fe oxide, magnetite, in the amended sediments. In addition to the formation of 
magnetite, such nitrate-Fe(II) amendment also resulted in significant amount of poorly-
crystalline Fe(III) oxyhydroxides. This poorly-crystalline Fe oxyhydroxide was also found in our 
recent nitrate-Fe(II) microcosm study, which was identified as ferrihydrite based on Fe EXAFS 
results (Sun et al., 2016). Sediment Fe mineralogy was subsequently altered by microbial 
reduction during Stage IV and V of the experiment, with ferrihydrite being reduced throughout 
the column, goethite being reduced in concentration close to column outlet but stable elsewhere, 
and magnetite, Fe sulfides and residual Fe remaining stable or slightly increasing throughout the 
column (Figure 2).  
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Sediment Arsenic Speciation. Arsenic XANES indicated that initial Dover sediment As contained 
61 ± 2% As(III) as arsenite and 39 ± 1% As(V) as arsenate, and sequential extractions suggested 
that the sediment As was mostly adsorbed on the surface of ferrihydrite and goethite (Figure 3). 
Following As(III), lactate, and/or nitrate-Fe(II) addition in influents during Stage I and II, the 
fraction of As(III) in the sediments increased close to the column inlet. Based on sequential 
extractions, some of the sediment As in the Dover columns co-precipitated with magnetite, 
although the majority of sediment As was still adsorbed on ferrihydrite. Following extensive 
reduction in Stage IV, a large portion of the sediment As that was originally associated with 
ferrihydrite became associated with magnetite by means of a combination of co-precipitation and 
surface adsorption (Figure 3). Adsorption isotherms of As(III) on initial and amended Dover 
sediments after Stage IV showed that As(III) adsorption capacity on the amended sediments 
significantly increased towards the column inlet compared to the sediments prior to any 
treatment, and also slightly increased towards the column outlet (SI Figure 5). During additional 
As(III) injection in Stage V, the concentration of As and the fraction of As(III) in the sediments 
consistently increased throughout the column. Based on sequential extractions, the amount of 
magnetite co-precipitated As slightly increased, and the As on the surface of magnetite became 
the majority of the sediment As at the end of the experiment. Near the outlet, crystalline Fe(III) 
oxide (goethite/hematite) is the dominant phase associated with As and the 2nd most important 
phase overall in the sediment As budget by Stage V. Despite of extensive microbial reduction, no 
As-bearing sulfide minerals were detected in the Dover columns by As XANES or sequential 
extractions; and no significant As was associated with siderite or residual Fe (Figure 3). 
 
6.4.2. The Sand Column. 
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During Stage I, the sand column quickly equilibrated with the 100 µg L-1 As in the influent 
(Figure 1A). Nitrate-Fe(II) amendment was added to the sand column in Stage II, formed Fe 
minerals, and quickly lowered dissolved As. Higher effluent Fe(II) and nitrate concentrations, 
however, indicated less Fe mineral formation in the sand column than in Dover columns (Figure 
1B and 1C). Similar to the Dover columns, pH in the sand column dropped about half a pH unit 
in Stage II (Figure 1D) and nitrite was never detected in the effluents. Little solid-phase Fe was 
released to effluents from the sand column during later stages of the experiment. However, even 
though some of the As(III) added during Stage V was immobilized, effluent As concentration 
increased to > 10 µg L-1 after 10 PVs of influents and then stabilized at about 70 µg L-1 (Figure 
1A). Concurrently, measured dissolved sulfide concentrations were consistently about 1.2 mg L-1 
(actual concentrations were likely higher considering that sulfide could escape as H2S(g) or be 
partially oxidized during collection). Magnetic susceptibility measurement and sequential 
extractions were carried out on the solids from sand column at the end of experiment. Magnetic 
susceptibility increased from -0.5 in pure sands to > 1200 at the column inlet (Figure 4A), 
indicating magnetite formation (Sun et al., 2016). Sequential extractions suggest that Fe minerals 
in the solids contained primarily magnetite with lesser quantity of Fe sulfides (Figure 4B), and 
that the As immobilized within these solids existed as magnetite structural and surface As at the 
end of the experiment (Figure 4C).  
 
6.5. DISCUSSION 
6.5.1. Mechanisms of Magnetite Formation by Nitrate-Iron(II) Addition. 
Magnetite was produced in these columns. Sequential extractions indicated that about 1700 mg 
kg-1 of the Fe retained in the column inlet at the end of the experiment was present as magnetite 
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in the sand column, with bigger quantity, about 4100 mg kg-1, produced in the Dover columns 
(Figure 2 and Figure 4B). This quantity of magnetite within the Dover sediments accounted for 
22% of the total Fe. However, based on Fe EXAFS analysis, the overall Fe mineralogy of the 
amended Dover sediments was still similar with initial Dover sediments (SI Figure 2). Although 
this magnetite formation could not appreciably alter the Fe EXAFS spectra of the Dover 
sediments, it could significantly increase their magnetic susceptibility (Figure 2), and could be 
collected by a magnet (SI Figure 1). As indicated by sequential extractions and magnetic 
susceptibility, most of the magnetite was produced by nitrate-Fe(II) addition during Stage II of 
the experiment. Such magnetite precipitation can result from: (i) the partial oxidation of Fe(II) by 
nitrate; (ii) the oxidation of Fe(II) by nitrite; and (iii) the reductive recrystallization of 
ferrihydrite (discussed below).  
 
The partial oxidation of dissolved Fe(II) by nitrate (Reaction 1) can be an abiotic (chemical) or a 
microbial process (Hansel et al., 2005; Schwertmann and Cornell, 2008):  
15𝐹𝑒2+ + 2𝑁𝑂3
− + 14𝐻2𝑂 → 5𝐹𝑒3𝑂4(s) + 𝑁2(g) + 28𝐻
+             (1) 
Without catalysts (e.g., Cu2+), abiotic Fe(II) oxidation by nitrate is relatively slow at 
circumneutral conditions (Melton et al., 2014; Straub et al., 1996). About half of the dissolved 
Fe(II) added into the sand column ended up in the column effluents, while more of the Fe(II) was 
consumed in Dover columns (Figure 1B). The faster Fe precipitation within (natural) Dover 
sediments likely reflects the presence of indigenous nitrate-dependent Fe(II) oxidizers 
accelerating Fe(II) oxidation and subsequent Fe mineral precipitation. Many such bacteria are 
encountered in numerous natural systems (Hohmann et al., 2011; Jiao et al., 2005; Pantke et al., 
2012; Senn and Hemond, 2002), and several even have been specifically reported to be 
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responsible for the formation of biogenic magnetite (Chaudhuri et al., 2001; Dippon et al., 2012; 
Miot et al., 2014; Zhao et al., 2013). These bacteria possibly exist within the Dover sediments. 
 
In contrast to nitrate, nitrite is an effective chemical oxidant of Fe(II) (Melton et al., 2014). 
Because nitrite is an intermediate produced during denitrification, magnetite also could be 
produced indirectly as a consequence of denitrification: 
9𝐹𝑒2+ + 2𝑁𝑂2
− + 8𝐻2𝑂 → 3𝐹𝑒3𝑂4(s) + 𝑁2(g) + 16𝐻
+                   (2) 
Nitrite was never detected in column effluents in our experiment. The lack of nitrite is consistent 
with Reaction 2 being rapid and complete, or that denitrification was never active. 
Distinguishing between these metabolic pathways is a focus of ongoing research. However, the 
difference between the Dover columns and the sand column suggests that biological processes 
are ultimately responsible for magnetite formation.  
 
Other Fe oxyhydroxides were also identified in sequential extractions, including a significant 
quantity of ferrihydrite (Figure 2). This ferrihydrite could be produced through a variety of 
pathways and provides an additional potential pathway to magnetite or other mineral formation 
(Hansel et al., 2005). Under the Stage II experimental condition with high concentration of 
dissolved Fe(II) added from the influent, Fe(II)-induced (re)crystallization of ferrihydrite then is 
another mechanism that can lead to magnetite formation (Hansel et al., 2005; Schwertmann and 
Cornell, 2008): 
𝐹𝑒2+ + 2𝐹𝑒(𝑂𝐻)3(s) → 𝐹𝑒3𝑂4(s) + 2𝐻
+ + 2𝐻2𝑂                             (3) 
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Reaction 1, 2 and 3 all produce H+, which at least partially explains the decrease in pH during 
Stage II of the column experiment despite of the use of PIPES buffer (and the pH buffering 
capacity of natural Dover sediments) (Figure 1D). Regardless of how magnetite was produced 
(Reaction 1, 2 or 3), it appears to be stable under prolonged microbial reduction stimulated by 
lactate addition (Figure 2). Magnetite is stable under typical redox gradients in aquifers 
compared to other common Fe minerals, and thus can potentially serve as an improved As 
scavenger for long-term As immobilization.  
 
6.5.2. Arsenic Retention within and on Iron Minerals that Formed. 
Following nitrate-Fe(II) addition to the Dover columns, although the Fe mineralogical change 
was not big (Figure 2 and SI Figure 2), this change was enough to significantly influence As 
retention in the sediments (Figure 1A). The majority of the dissolved As(III) added into the 
Dover columns was immobilized. Sequential extractions suggested that some of the As was co-
precipitated within the crystal structure of magnetite when magnetite formed (Figure 3), and that 
this structural As persisted throughout subsequent reductive stages. As discussed above, the 
nitrate-Fe(II) addition produced ferrihydrite in parallel to magnetite in the Dover columns 
(Figure 2) and in our recent microcosm study (Sun et al., 2016). Ferrihydrite has a high 
adsorption capacity and fast adsorption kinetics for As oxyanions 7, 38, thus a large portion of the 
As immobilized following nitrate-Fe(II) addition was initially bound to ferrihydrite surface 
(Figure 3). Extensive dissolution/transformation of ferrihydrite then occurred under microbial 
reduction, however, As was not released from the amended Dover sediments (Figure 1A). This is 
attributed to the stability of magnetite under such microbial reduction, which allowed the As 
originally associated with ferrihydrite to be relocated within magnetite structure and onto 
206 
magnetite surface. Moreover, magnetite that forms at circumneutral conditions, especially via 
microbial processes, often has smaller particle size and thus larger surface area (Sun et al., 2016). 
A key observation is that when additional dissolved As was injected into the Dover columns, 
magnetite continued to immobilize dissolved As by adsorption and did so with higher 
effectiveness than the other Fe minerals present including goethite (Figure 3).   
 
Compared to the Dover columns, As breakthrough occurred much earlier in Stage V in the sand 
column. This was somewhat unexpected in that this sand column contained about 1700 mg kg-1 
Fe as magnetite at the column inlet, and thus should have surface sites for some As adsorption 
(Dixit and Hering, 2003; Gimenez et al., 2007). We attribute the low affinity of As for mineral 
surfaces to sulfate reduction, which could influence As speciation. The sand column were 
initially pure sand, but were not fully sterilized. As a result, both Fe(III) and sulfate reduction 
were detected based on mineralogy observed in the sand column, and dissolved sulfide was 
detected in the effluents. In principal, this sulfide could precipitate with As as an As sulfide 
mineral, but As sulfide minerals also could dissolve when sulfide activities are higher than about 
0.5 µM (Eary, 1992; Helz et al., 1995). Consequently, As sulfide minerals were insignificant 
(Figure 4C). Instead, dissolved sulfide complexed As into thiolated As species that cannot 
effectively adsorb to mineral surfaces (Burton et al., 2011; Keimowitz et al., 2007; Kocar et al., 
2010).  
 
Given that sulfate-reducing bacteria (SRBs) are ubiquitous in natural environments (Burton et 
al., 2014; Keimowitz et al., 2007; Onstott et al., 2011), microbial sulfate reduction probably also 
occurred in the Dover columns. The Dover sediments, however, contained excess reactive Fe(III) 
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in forms like ferrihydrite. Ferrihydrite reacts with dissolved sulfides to produce elemental sulfur 
(Burton et al., 2011; Burton et al., 2014; Kocar et al., 2010): 
𝐻𝑆− + 2𝐹𝑒(𝑂𝐻)3(s) + 5𝐻
+ ↔ 2𝐹𝑒2+ + 𝑆0(s) + 6𝐻2𝑂         (4)  
Reaction 4 is a fast abiotic process which can effectively buffer dissolved sulfide concentrations 
at levels low enough to prevent thiolated As solution complexes from forming, and in some 
cases, even low enough sulfide to prevent the effective reduction of As(V). Therefore, As(III) 
stayed as particle-reactive As(III) oxyanions (as H3AsO3) and was immobilized in the Dover 
columns via adsorption on magnetite.   
 
Goethite existed in initial Dover sediments prior to any treatment, and also appeared to be mostly 
stable over the course of the column experiment (Figure 2). This is probably because when 
reactive ferrihydrite was present, ferrihydrite was consumed preferentially over goethite and 
could even partially convert to goethite (Hansel et al., 2005; Postma et al., 2010). Goethite is also 
an effective adsorbent of As, and sequential extractions showed that by Stage V it was the 2nd 
most abundant mineral phase for As retention in the Dover columns (Figure 3). However, 
goethite sequestered As less effectively than magnetite, which might reflect that microbially 
produced magnetite exists as nanoparticles with large surface area (Sun et al., 2016). 
Additionally, although the reason of slow As breakthrough during Stage V of the experiment has 
not been conclusively identified for the Dover columns (Figure 1A), the breakthrough is different 
from typical sharp breakthrough that is often observed when adsorption capacity is reached. 
Based on sequential extractions (Figure 2), reductive dissolution/transformation of goethite 
possibly occurred close to the column outlet, which could explain the slow As breakthrough.   
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6.6. IMPLICATIONS   
This column study was designed to stimulate the formation of As-bearing magnetite within 
natural sediments by nitrate-Fe(II) addition, to test its ability of maintaining As retention under 
prolonged microbial reduction, and then to evaluate its capability of sequestering additional As. 
Our data demonstrate that the Fe mineral assemblage that formed included significant amount of 
magnetite and increased the adsorption capacity of the amended sediments and the stability of 
solid-phase As. Magnetite can incorporate As into its structure during formation, in which case 
desorption (and As(V) reduction) are less likely. In natural aquifers with circumneutral pH and 
microbial community, the formed (biogenic) magnetite can be nanoparticulate magnetite with 
large surface area and enhance additional As retention by surface adsorption. Such nitrate-Fe(II) 
amendment, therefore, can potentially produce a stable reactive filter within the aquifer and 
immobilize dissolved As when contaminated groundwater migrates through the treatment zone. 
Although the Fe mineral assemblage would precipitate more towards the injection point, it 
appears to disperse along significant distance (Figure 2) and the volume of Fe precipitation is 
actually small (based on mineral densities). For field implementation, amendment injection can 
also be designed to achieve more dispersed mineral precipitation and thus remediate larger scale. 
Clearly, continued efforts are warranted for the nitrate-Fe(II) strategy to be used in remediating 
groundwater As contamination. Laboratory experiments with real groundwater or even a pilot 
field experiment, which contains dissolved phosphate, natural organic compounds and other ions 
that impact As fate and potentially impact Fe mineralogical transformation (Hansel et al., 2005; 
Larese-Casanova et al., 2010; Porsch et al., 2010; Schwertmann and Cornell, 2008), would be 
valuable. Reactive transport modeling can also be useful, to quantify the dynamics of the 
dominant biogeochemical processes following the injection of nitrate-Fe(II) amendment, to scale 
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laboratory results to field conditions, and to design and predict field operation of the strategy. 
Nevertheless, the findings in our recent microcosm study with somewhat oxidized sediments and 
As(V) (Sun et al., 2016), and the findings in this column study with reduced sediments and 
As(III), suggest that magnetite, produced via simultaneous addition of nitrate and Fe(II), could 
be a promising host mineral for long-term As immobilization under a relatively wide range of 
conditions.   
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Dover sediments.  
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6.8. TABLES AND FIGURES 
Table 6.1. The design of the five-stage column experiment, with different influent compositions 
at different experimental stages. The sand column was run through all five stages. The Dover 
columns were run through three, four and five stages, respectively.  
 
(See next page for Table 6.1.) 
 
Note:  
(a). Dissolved As concentration was confirmed to be 100 or 200 µg L-1 as planned with ICP-MS 
analysis, and As speciation was confirmed as 100% As(III) with IC-ICP-MS (Element XR 
hooked up with a ion exchange column kit CF-KIT-As35); 
(b). Bromide was used to confirm that solution #1 and #2 were well mixed, given its 
concentration in effluents was 1 mg L-1 (SI Figure S2); 
(c). Nitrate concentration was confirmed to be 20 mM as planned with IC analysis, and no nitrite 
could be detected; 
(d). Fresh solution #2 was made every 24 h, during which it always stayed as clear solution (no 
precipitation). Dissolved Fe concentration was confirmed to be 8 mM as planned with ICP-MS 
analysis, and Fe speciation was confirmed as ≥ 99% Fe(II) when made and ≥ 96% Fe(II) after 24 
h with the ferrozine method (Stookey, 1970); 
(e). An attempt to switch the next experimental stage was made after 15 days of experiment with 
mixed solution from pH 7 Fe(II)-containing A-GW and pH 7 nitrate-containing A-GW (instead 
of solution #1 and #2 in Stage II), but was stopped after about 0.2 PV (2 hour injection) because 





























































































































































































































































































































































































































































































































































































































































Figure 6.1. Results from column experiments showing effluent (A) As, (B) Fe and (C) nitrate 
concentrations, and (D) pH, as a function of pore volumes that had passed through the columns. 
Grey symbols represent the sand column, whereas green, blue and red symbols represent the 
three Dover columns which were sacrificed at three different time. The bars with diagonal lines 
represent the switches between different experimental stages (Table 1). The thick black lines 
represent the influent conditions. 
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Figure 6.2. (Upper panel) Magnetic susceptibility measurements for the solid samples from the 
Dover columns, which were run through three, four and five experimental stages, respectively. 
The thick black line represents the initial Dover sediments. (Lower panel) Results from 
sequential extractions and digestions on the solid samples for Fe.   
 
(See next page for Figure 6.2.) 
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Figure 6.3. (Upper panel) Normalized As XANES spectra for the solid samples from the Dover 
columns. Reference spectra are plotted for comparison. The spectra are vertically offset for 
clarity. (Lower panel) Results from sequential extractions and digestions on the solid samples for 
As. 
 
























































































































































































































































































































































































































































Figure 6.4. (A) Magnetic susceptibility measurements for the solid samples from the sand 
column, which was run through all five experimental stages. The thick black line represents pure 
sands. Results from sequential extractions and digestions on the solid samples for (B) Fe and (C) 
As. 
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Table S6.1. Steps of sequential chemical extractions. The extractions were all conducted at room 
temperature in constantly agitated polyethylene centrifuge tubes, with a dry mass size of 150 mg 
and an extractant volume of 10 mL. Dissolved Fe and As concentrations in the extractions were 
determined using ICP-MS.  
 
 
Note: (a). The step was followed by a wash step with 1 mol L-1 magnesium chloride. 
   
Step Extractant and time Target Fe phase Target As phase
1
1 mol L-1 magnesium chloride, pH 7, 2 h, 
one repetition
Exchangeable Fe Loosely bound As
2 a
1 mol L-1 sodium acetate adjusted to pH 4.5 





1 mol L-1 hydroxylamine-hydrochloride 





50 g L-1 sodium dithionite, pH 4.8 with acetic 
acid/sodium citrate, 2 h, one repetition
Crystalline Fe(III) oxides
(goethite and hematite)
Goethite and hematite 
associated As
5
1 mol L-1 sodium phosphate, pH 5, 16 h & 24 h,
one repetition for each time period
-- Magnetite adsorbed As
6 a
0.2 mol L-1 ammonium oxalate/0.17 mol L-1








associated As, and As sulfides
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Figure S6.1. (Upper panel) A digital picture showing column set-up during mineral formation 
stage (Stage II) of the experiment. (Lower panel) Digital pictures showing black magnetic particles 




















After mixing together: 
4 mM Fe(II), 10 mM nitrate 
and 100 µg L-1 As(III) in 
groundwater, pH 7
A B C D
Column dimension: 
Inner diameter: 4 cm
Height: 20 cm
Volume: ~ 250 mL
Stage II: mineral formation 
Sediments from column Add DI water Magnetic particles!
225 
 
Figure S6.2. Iron EXAFS analysis was carried out at the SSRL on Beamlines 11-2, equipped with 
a 100-element Ge detector. The monochromator crystal used was Si(220) with phi angle of 0 
degrees. Soller slits were installed to minimize the effects of scattered primary radiation. The beam 
was detuned as needed to reject higher-order harmonic frequencies and prevent detector saturation. 
Scans were calibrated to Fe K-edge of Fe metal (7112 eV) using a metal foil placed between the 
second and third ionization chambers. A subset of each sample was sealed in Kapton tape and 
mounted between the first and second ionization chambers, and sample spectra were obtained in 
fluorescence mode in combination with a 6 μx Mn filter. Once collected, Fe EXAFS spectra were 
normalized with linear pre-edge and quadratic post-edge functions. Normalized spectra were then 
converted to k3-weighted chi functions with a threshold energy (E0) of 7124 eV. The spectra 
processing was done in SIXpack. Iron EXAFS chi spectra of the solid samples from the Dover 
columns were shown below. Some reference spectra are plotted for comparison. The spectra are 
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Figure S6.3. Results from another Dover column showing effluent (A) As and (B) pH 
concentrations and (C) pH, as a function of pore volumes that had passed through the columns. 
The thick black lines represent the influent conditions. This Dover column was packed exactly the 
same with three Dover columns used in the main manuscript and used pH 7 A-GW with 100 µg 































































Figure S6.4. Results from column experiments showing effluent (A) Ca and (B) bromide 
concentrations, as a function of pore volumes that had passed through the columns. Grey symbols 
represent the sand column, whereas green, blue and red symbols represent the three Dover columns 
which were sacrificed at three different time. The bars with diagonal lines represent the switches 





















































Figure S6.5. Arsenic(III) sorption isotherms for initial and amended Dover sediments after Stage 
IV. The experiments was conducted with 0.5 g of wet sediments and 15 mL of N2-purged pH 7 
artificial groundwater with 1 mM lactate and various concentrations of As(III) (added as Na-
arsenite), and 48 hour reaction time. 
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Magnetite is advantageous to groundwater As immobilization in that it strongly retains As, and is 
relatively stable under both oxic conditions and the Fe(III)-reducing conditions common in 
aquifers that release As. Our recent laboratory studies have demonstrated that simultaneous 
injection of nitrate and Fe(II) can produce nanoparticulate magnetite and immobilize As even 
under prolonged microbial reduction. In this chapter, a reactive transport model is developed to 
optimize the nitrate-Fe(II) strategy. The initial model development was guided by observations 
and hypothesized processes from our one-dimensional column experiment. Modeling results 
suggest that the ratio between nitrate and Fe(II) concentration in the injectant regulates the extent 
and distribution of magnetite and ferrihydrite precipitation, and thus regulates the long-term 
potential of As immobilization. Two-dimensional field-scale model scenarios were then developed 
to predict and compare the impact of chemical and operational parameters on the remediation 
efficiency. The modeling results, which suggest that long-term As immobilization is feasible, favor 
scenarios that rely on the chromatographic mixing of nitrate and Fe(II) after injection. This chapter 
highlights the importance of combining laboratory studies and reactive transport modeling for 
elucidating the complex hydro-biogeochemical processes that control the fate of As and for up-




Groundwater arsenic (As) contamination is currently a prevalent problem in the United States and 
worldwide, where it affects nearly a hundred million people (Fendorf et al., 2010; Smedley and 
Kinniburgh, 2002). Arsenic is also the 2nd most common contaminant of concern at the National 
Priorities List (NPL, “Superfund”) sites in the U.S., many of which have posed a significant threat 
to groundwater resources (ATSDR, 2013; EPA, 2002). However, As-contaminated aquifers have 
been difficult to remediate in a timely and cost effective manner. One attractive technique for 
remediating groundwater As contamination involves stimulating iron (Fe) mineral transformations 
and immobilizing dissolved As by sorption onto and/or precipitation into the Fe minerals (EPA, 
2002). Despite much research, the long-term effectiveness of current As immobilization strategies 
is often limited by the fact that many Fe minerals are susceptible to microbially-mediated redox 
changes common under subsurface environments and thus easy to (re)solubilize the associated As 
(Benner et al., 2002; Burton et al., 2014; Postma et al., 2010; Poulton et al., 2004).   
 
Magnetite (Fe3O4) can strongly retain As by surface adsorption and co-precipitation (Chowdhury 
et al., 2011; Coker et al., 2006; Gimenez et al., 2007; Saalfield and Bostick, 2009; Wang et al., 
2008). Unlike many Fe minerals, magnetite is stable under a relatively wide range of conditions 
including both oxic conditions and the Fe(III)-reducing conditions typical of many aquifers 
(Hohmann et al., 2010; Sun et al., 2016). Therefore, magnetite can be advantageous as the host-
mineral for groundwater As immobilization (Coker et al., 2006; Dixit and Hering, 2003; Hohmann 
et al., 2010; Tufano and Fendorf, 2008). The data from our recent laboratory microcosm and 
column experiments (i.e., thesis chapter 5 and 6) have demonstrated that simultaneous injection of 
Fe(II) (as ferrous sulfate) and nitrate to As-contaminated sediments can lead to the formation of 
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an Fe mineral assemblage containing nanoparticulate magnetite and ferrihydrite, and that 
magnetite can serve as a dispersed reactive filter once formed and immobilize dissolved As even 
under prolonged microbial reduction (Sun et al., in preparation; Sun et al., 2016). Such 
experimental data result from a number of hydro-biogeochemical processes (Zhang et al., 2013). 
Iron mineralogy and dissolved As concentrations are influenced from a number of complex system 
properties: (i) how nitrate-Fe(II) injections occur affects Fe mineralogy and the generation of new 
sorption sites for As, with varying stabilities and sorption capacities, (ii) the extent to which 
neoformed As-bearing minerals persist or are affected by Fe(III) reduction and sulfate reduction 
common in aquifers, and (iii) how the presence of dissolved Fe(II) promoted the transformation of 
unstable Fe(III) minerals towards more reduced and/or stable Fe minerals and affected As. These 
processes are significance for controlling dissolved concentrations and mass fluxes of As not only 
in hazardous sites potentially requiring As immobilization but also in natural environments, and 
thus need to be carefully evaluated. However, the rates and nature of many of these processes are 
not well constrained and occur together, and thus are not easily characterized in isolation.  
 
Numerical models are invaluable tools in distilling complex environmental systems into salient 
components. Here we develop simple model of Fe mineral formation and transformations induced 
by nitrate-Fe(II) injection and microbial reduction, and their impact on the evolution of dissolved 
As concentration. This model is developed based on both the solution and solid-phase data 
available from our experimental results (previously reported in other chapters), and it is effective 
at describing mineral transformations, and under most conditions, the impact of those minerals on 
As retention and transport. Our initial model development was guided by measured data and 
hypothesized processes that were derived from our one-dimensional (1D) columns. A series of 
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two-dimensional (2D) models were subsequently developed, to predict the effectiveness of the 
nitrate-Fe(II) strategy on immobilizing dissolved As with different chemical and operational 
parameters at field-scale. The development and application of process-based quantification tools 
contribute to a better understanding of the complex Fe and As reaction network, and eventually an 
improved design of this remediation strategy for feasible field use.  
 
7.3. METHODS 
7.3.1. Data Set Description 
In the investigated column experiment (Sun et al., in preparation), triplicate columns were loaded 
with aquifer sediments from the Dover Municipal Landfill Superfund site where groundwater As 
contamination is a concern (EPA, 2006). The Dover sediments contained 1.6% Fe, which existed 
primarily as non-reactive Fe-bearing silicates with lesser quantities of siderite, ferrihydrite, 
goethite/hematite and mackinawite/pyrite. The Dover sediments also contained 3 mg kg-1 As, with 
67% as arsenite and 33% as arsenate, which mainly existed as ferrihydrite and goethite surface 
bound As. The columns had an inner diameter of 4 cm, and the column length filled with sediments 
was 20 cm. The effective porosity was determined to be about 0.3. The experiment was conducted 
under oxygen-depleted condition at room temperature. Five well-controlled experimental stages 
were conducted, with Stage I to V designed for pre-equilibration (ca. 0 to 38 pore volume (PV)), 
mineral formation (38 to 76 PV), intermission (76 to 80 PV), enhanced reduction (80 to 125 PV) 
and reactive filter (125 to 245 PV), respectively. Nitrogen-purged artificial groundwater solutions 
were used as influents for the five stages, which contained various combinations of Fe(II), nitrate, 
lactate, arsenite and bromide tracer. A buffer (PIPES) was used to maintain a pH of 7 for the 
influents. The influents were pumped from the bottom up at a rate of 2 PVs per day, corresponding 
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to about 150 mL day-1. Effluent samples were analyzed periodically for pH and dissolved cation 
and anion concentrations. Effluent pH was close to 7 except for during Stage II, which was half a 
pH unit lower. Dissolved As, Fe, Ca, nitrate and bromide concentrations varied considerably 
between different experimental stages. Dissolved nitrite and sulfide were never detected in the 
effluents. Triplicate Dover columns were sacrificed at the end of Stage III, IV, and V respectively 
to analyze sediment composition, Fe mineralogy and As speciation. Magnetite and ferrihydrite 
precipitated within Dover sediments following nitrate-Fe(II) injection during Stage II, and 
reductive dissolution/transformation of ferrihydrite occurred significantly afterwards. The fraction 
of arsenite in the sediments increased because arsenite was injected from the influents and retained 
on the sediments, and As-bearing sulfides were never detected in the sediments. Full details of the 
setup and results of the Dover column experiment were provided in Sun et al (Sun et al., in 
preparation) (i.e., Chapter 6).  
 
7.3.2. Modeling Approach and Tools  
In the first step, the geochemical model PHREEQC-2 (Parkhurst and Appelo, 1999) was used to 
reconstruct the initial aqueous-phase and solid-phase (mineral and surface) concentrations that 
prevailed within the columns at the beginning of the experiment. In parallel, a 1D flow model 
representing the column setup was constructed with the USGS model MODFLOW (Harbaugh et 
al., 2000). The simulated initial condition and the flow model formed the basis for the  subsequent 
simulations with the reactive multi-component transport code PHT3D (Prommer et al., 2003), 
which couples PHREEQC-2 and the transport simulator MT3DMS (Zheng and Wang, 1999). The 
model development started with the numerical implementation of the conceptual model as 
described below. The model contains two distinct sets of reactions that are always coupled. In the 
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first set of reactions, mineral phases can dissolve and precipitate, and the second set of reactions 
focuses on the effect of those changes on adsorption, including As adsorption. In most cases, initial 
parameter estimates were estimated based on literature values to the extent possible (except for the 
few reactions with no known rates).  A manual trial-and-error calibration procedure was employed 
to refine this set of initial parameter estimates. The resulting parameters were selected based on 
matching up simulated data with measured data both temporally and spatially.  
 
7.3.3. Conceptual Iron Kinetic Reaction Network  
The kinetically controlled Fe transformations were assumed to most significantly control the fate 
of As, i.e., control the effectiveness of the nitrate-Fe(II) strategy on As immobilization. The Fe 
reaction network included the key water-sediment reactions affecting the Fe redox chemistry 
within the Dover columns over the experimental/simulation period (Figure 1). In the model, Fe 
redox cycle was decoupled from the global redox equilibrium. To be consistent with recent 
modeling literatures (Wallis et al., 2010; Zhang et al., 2013), the nitrate-dependent (microbial) 
oxidation of dissolved Fe(II) to dissolved Fe(III) for mildly acidic to neutral water was modelled 
as:  
𝑟𝐹𝑒_𝑜𝑥 = 𝑘𝐹𝑒_𝑜𝑥 × [𝑂𝐻
−]2 × 𝐶𝑁𝑂3− × 𝐶𝐹𝑒2+                                                                   (1) 
where 𝑘𝐹𝑒_𝑜𝑥 is the rate constant, [𝑂𝐻
−]is the hydroxyl ion activity, and 𝐶𝑁𝑂3− and 𝐶𝐹𝑒2+ are the 
concentrations of dissolved nitrate and Fe(II), respectively. Based on mineralogical analysis, the 
oxidized Fe(III) precipitated as magnetite (Mgt) and ferrihydrite (Fh), which were modeled as: 
𝑟𝑀𝑔𝑡_𝑝𝑝𝑡𝑛 = 𝑘𝑀𝑔𝑡_𝑝𝑝𝑡𝑛 × (1 −  𝑆𝑅𝑀𝑔𝑡)                                                                         (2) 
𝑟𝐹ℎ_𝑝𝑝𝑡𝑛 = 𝑘𝐹ℎ_𝑝𝑝𝑡𝑛 × (1 −  𝑆𝑅𝐹ℎ)                                                                               (3) 
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where 𝑘𝑀𝑔𝑡_𝑝𝑝𝑡𝑛  and 𝑘𝐹ℎ_𝑝𝑝𝑡𝑛  are the reaction rate constants, and 𝑆𝑅𝑀𝑔𝑡  and  𝑆𝑅𝐹ℎ  are the 
saturation ratios of magnetite and ferrihydrite, respectively. Ferrihydrite is the most bioavailable 
Fe mineral for dissimilatory Fe(III)-reducing bacteria (Benner et al., 2002; Burton et al., 2014; 
Postma et al., 2010; Poulton et al., 2004). Reductive dissolution of ferrihydrite occurred when the 
injection of lactate stimulated Fe(III) reduction: 
𝐶3𝐻5𝑂3
− + 4𝐹𝑒(𝑂𝐻)3(s) + 7𝐻
+ → 𝐶2𝐻3𝑂2
− + 𝐻𝐶𝑂3
− + 4𝐹𝑒2+ + 10𝐻2𝑂           (4) 
Lactate degradation through ferrihydrite reduction was described by a Monod-type rate expression: 
𝑟𝑙𝑎𝑐_𝐹ℎ = 𝑘𝑙𝑎𝑐_𝐹ℎ × 𝐶𝐹ℎ × (
𝐶𝑙𝑎𝑐
𝛼𝑙𝑎𝑐+ 𝐶𝑙𝑎𝑐
)                                                                          (5) 
where 𝑘𝑙𝑎𝑐_𝐹ℎ  is the rate constant, 𝐶𝐹ℎ and 𝐶𝑙𝑎𝑐 are the concentrations of ferrihydrite and lactate, 
and αlac is the half saturation constant for lactate. Attributed to dissolved Fe(II) (Reaction 4), which 
subsequently sorbed on ferrihydrite surface, ferrihydrite transformed to more reduced and/or stable 
minerals (Benner et al., 2002; Hansel et al., 2005; Hansel et al., 2004; Tufano and Fendorf, 2008).  
This model assumes that the presence of ferrihydrite surface bound Fe(II) would catalyze 
transformation of ferrihydrite to goethite (Goet) (Eqn. 6), and that when ferrihydrite surface bound 
Fe(II) occurs in excess of 10-3 mol Fe(II)ads per mol of ferrihydrite, magnetite would start to form 
via a solid-state conversion of the surface of ferrihydrite (Eqn. 7).  
𝑟𝐺𝑜𝑒𝑡_𝐹ℎ = 𝑘𝐺𝑜𝑒𝑡_𝐹ℎ                                                                                                      (6) 
𝑟𝑀𝑔𝑡_𝐹ℎ = 𝑘𝑀𝑔𝑡_𝐹ℎ × 𝑠𝑢𝑟𝑓𝑎𝑐𝑒𝐹ℎ
𝐹𝑒(𝐼𝐼)
                                                                            (7) 
where 𝑘𝐺𝑜𝑒𝑡_𝐹ℎ  and 𝑘𝑀𝑔𝑡_𝐹ℎ  are the rate constants, and 𝑠𝑢𝑟𝑓𝑎𝑐𝑒𝐹ℎ
𝐹𝑒(𝐼𝐼)  is the concentration of 
ferrihydrite surface bound Fe(II). The secondary mineralization pathways of ferrihydrite are 
dictated by the concentration of ferrihydrite surface bound Fe(II) (rather than dissolved Fe(II) 
concentration), and therefore other ions minimizing surface accessibility of Fe(II), for example, 
surface bound As, carbonate and sulfate, would impede conversion of ferrihydrite to magnetite. 
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During the column experiment, lactate degradation using nitrate and sulfate as electron acceptor 
also occurred, each of which was assumed to follow a standard Monod-type rate expression:  









)                                                      (8) 











)                                                  (9) 
Because nitrite was never detected in the effluents from the Dover columns (Sun et al., in 
preparation), nitrogen was assumed to be the dominant product of microbial denitrification (Eqn. 
8) and did not affect Fe redox chemistry. The sulfides (a mixture of HS- and H2S, 𝑝𝐾𝑎,𝐻2𝑆= 7.02) 
produced through sulfate reduction (Eqn. 9), however, could reductively react with ferrihydrite 
and produce reduced Fe sulfide minerals such as mackinawite (and elemental sulfur) (Poulton et 
al., 2004): 
2𝐹𝑒(𝑂𝐻)3(s) + 3𝐻𝑆
− + 3𝐻+ → 2𝐹𝑒𝑆(s) + 𝑆(s) + 6𝐻2𝑂                                         (10) 
The rate of mackinawite precipitation (Reaction 10) was modeled as the product between the rate 
constant and the concentration of ferrihydrite surface bound sulfide (Peiffer et al., 1992; Poulton 
et al., 2004): 
𝑟𝐹𝑒𝑆_𝐹ℎ = 𝑘𝐹𝑒𝑆_𝐹ℎ × 𝑠𝑢𝑟𝑓𝑎𝑐𝑒𝐹ℎ
𝐻𝑆−                                                                                   (11) 
Goethite can react with lactate and sulfide in the similar matters with ferrihydrite (i.e., similar to 
Reaction 4 and 10, correspondingly Eqn. 5 and 11), but the rates for goethite-related reactions were 
set much slower than those for ferrihydrite in the model (Lovley et al., 2004; Postma et al., 2010). 
In addition, the evolution of siderite were modeled as thermodynamically controlled. Other present 
mineral phases such as quartz and Fe-silicates were assumed to have a relatively low reactivity 
compared to the considered reactants and thus were not considered in the simulations. Sediment 
organic carbon was assumed to have a much lower reactivity compared to lactate, and thus was 
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not considered either. The kinetics parameters of the considered reactions are listed in Table 1. 
The numerical implementation of the conceptual model was adapted during model development 
and will be improved during the calibration procedure.  
 
7.3.4. Surface Complexation Reactions 
Adsorption plays a key role in regulating solution composition, and is highly affected in these 
systems by the evolution of sediment Fe mineralogy. To quantify adsorption within the model, it 
is necessary to quantify the mineral components that contribute to adsorption, and to define an 
adsorption model for the aqueous components that can react with those Fe mineral phases.  
Adsorption was quantified using an electrostatic double layer model, with surface complexes and 
adsorption constants and reactions based on those implemented by Dzombak and Morel (Dzombak 
and Morel, 1990). Adsorption was assumed to occur on ferrihydrite, goethite and magnetite, but 
was assumed to be negligible for other phases. Each of these Fe oxides had independent the surface 
complexation constants for hydroxyl group and surface site densities (Table 2). The adsorption 
constants for hydroxyl group and site densities for ferrihydrite were set equal to those for hydrous 
Fe(III) oxides (HFO) in Dzombak and Morel, 1990 (Dzombak and Morel, 1990). The surface 
complexation constants for hydroxyl group for goethite and magnetite were obtained from Dixit 
and Hering, 2003 (Dixit and Hering, 2003). The site densities of goethite and (nanoparticulate) 
magnetite were 10% and 50% of ferrihydrite, respectively. Arsenite and arsenate adsorption were 
calculated using Dzombak and Morel, 1990 (Dzombak and Morel, 1990) and Dixit and Hering, 
2003 (Dixit and Hering, 2003) (Table 2). Adsorption reactions of other ions, such as Fe(II), sulfate 
and carbonate, were also incorporated, which introduced competitive sorption between As and 
other ions for a finite number of surface sites. The total number of sorption sites was 
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stoichiometrically proportional to mineral concentrations, which evolve in time and space in these 
systems.  
 
7.3.5. Two-Dimensional Model Geometry and Scenario Setup 
Once suitable parameters for the 1D model were selected, a field-scale model was developed with 
PHT3D using these parameters, to predict and compare the impact of chemical and operational 
parameters on the efficiency of the nitrate-Fe(II) strategy on immobilizing dissolved As. The field-
scale model was constructed as a 2D transect with a domain size of 30 × 15 m and a grid size of 1 
× 1 m (Supporting Information (SI) Table S1). The conceptual hydrogeological model was derived 
on the basis of Dover field conditions (EPA, 2006). Effective porosity was assumed to be 0.3, 
which is the same with the Dover columns and within the Dover site condition (0.20 – 0.33). 
Hydraulic conductivity (K) field was set up with anisotropy with average K of 12 m day-1 (Figure 
S1). Groundwater flowed along the latitude direction at the velocity of 25 m year-1. Groundwater 
was assumed to have the same composition with the artificial groundwater used in the column 
experiment, and contain 100 µg L-1 As as arsenite. The concentrations of nitrate and Fe(II) used in 
the amendment injection were also the same with the column experiment, i.e. 4 mM Fe(II) and 10 
mM nitrate. The injection rate for the nitrate-Fe(II) amendment was 30 m3 day-1. Two injection 
scenarios was set up, with one being nitrate and Fe(II) injected simultaneously (and hereafter 
referred as simultaneous injection) and the other being nitrate and Fe(II) injected alternately (and 
hereafter referred as alternating injection). Two injection pulses were used, one starting at Day 5 
and the other starting at Day 15 (Table S1). For simultaneous injection scenario, each injection 
event lasted for 2 days; for the alternating injection scenario, each event lasted for 4 days, to 
achieve equal amounts of amendment for comparison purpose. The total simulation time was 4775 
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days. The 2D model used the same kinetic rate constants for Fe(II) oxidation and ferrihydrite and 
magnetite precipitation with the 1D model (Table 1), and used the same site densities and surface 
complexation reactions with the 1D model (Table 2). Microbial reduction has not been 
implemented the current 2D models yet (i.e., the models assume that ferrihydrite persists once 
formed). 
 
7.4. RESULTS AND DISCUSSION 
7.4.1. One-Dimensional Model – Iron Mineral Transformation and the Fate of Arsenic 
For all five stages of the column experiment, simulated breakthrough curves agreed with measured 
breakthrough curves for most dissolved components that were measured in the column effluents 
(Figure 2). The simulations also reproduced the temporal and spatial changes in As concentration 
and Fe mineralogy in the sediments (Figure 3 and SI Figure S2). These agreements illustrate that 
the conceptual model (Figure 1) and its subsequent implementation in the numerical model provide 
a good representation of the key processes that influenced the major ion and redox chemistry in 
the column experiment.  
 
7.4.1.1. Iron Mineral Transformation.  
Based on measured data (Sun et al., in preparation), magnetite and ferrihydrite dominated the Fe 
minerals that freshly precipitated following Fe(II) oxidation by nitrate during Stage II of the 
experiment (Figure 1). The precipitations of magnetite and ferrihydrite were numerically 
implemented as kinetically controlled by both the rate constant and saturation index (Eqn. 2 and 
3). Ferrihydrite is known to be the initial precipitate from hydrolysis of Fe(III)-containing solutions 
and has fast precipitation kinetics (Schwertmann and Cornell, 2008). Based on model simulations, 
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the rate constant for ferrihydrite precipitation is indeed orders of magnitude higher than magnetite 
(Table 1). However, owing to the fact that the saturation index of magnetite is much bigger than 
ferrihydrite under the experimental condition, magnetite could precipitate in parallel with 
ferrihydrite (Figure 3(A)(C)). The amounts and relative fractions of magnetite and ferrihydrite 
were controlled by not only their precipitation rates but also the rate of Fe(II) oxidation to Fe(III). 
The nitrate-dependent Fe(II) oxidation within the Dover sediments was a microbial process 15, 18 
and modeled as kinetically controlled by the rate constant, the concentrations of nitrate and Fe(II) 
as well as pH (Eqn. 1). Compared to Fe(II) oxidation by oxygen, the rate constant for microbial 
Fe(II) oxidation by nitrate is orders of magnitude lower (Table 1), which agrees with published 
literatures (Straub et al., 1996; Wallis et al., 2010; Zhang et al., 2013). Under certain Fe(II) 
concentration, increased nitrate concentration would lead to increased rate of Fe(III) production 
and subsequently increased fraction of ferrihydrite, whereas decreased nitrate concentration would 
lead to increased amount of unreacted Fe(II) and thus decreased total amount of mineral 
precipitation within the column (simulations are not shown). As a result, the ratio between nitrate 
and Fe(II) concentration in the injectant would regulate the extent and distribution of magnetite 
and ferrihydrite precipitation, which have district stability towards redox changes common under 
aquifers, and thus regulate the long-term potential of the nitrate-Fe(II) strategy on immobilizing 
dissolved As. pH also has a controlling effect on the outcome of such nitrate-Fe(II) injection. Both 
Fe(II) oxidation and mineral precipitation can produce considerable amount of H+ and decrease 
the pH of the system. During Stage II of the experiment, pH of the effluents was stabilized at half 
a pH unit lower than influents (Figure 2(A)). As suggested by model simulations, this pH buffering 
effect was provided not only by the PIPES buffer used in the artificial groundwater influents, but 
also the intrinsic buffering capacity of the Dover sediments which are rich in clay minerals and 
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possibly sedimentary organic matter (Appelo, 1994; Appelo et al., 1998). As noted by the square 
of the hydroxyl ion activity in Eqn. 1, low pH would result in significantly slow Fe(II) oxidation 
and the part of unreacted nitrate-Fe(II) injectant would be large unless being recycled. Therefore, 
when using the nitrate-Fe(II) strategy in a real aquifer, depending on its geochemical condition, 
amending the injectant with buffer(s) and/or recirculating the injectant within the target zone might 
be necessary to ensure successful remediation.  
 
Stimulated by lactate injection, microbial reduction was significant and altered sediment Fe 
mineralogy during the course of the column experiment (Figure 1) (Sun et al., in preparation). 
Following Fe(III) reduction, mainly the reductive dissolution of ferrihydrite (Reaction 4), Fe(II) 
was present in the pore water (Figure 2(E)) and subsequently induced the solid-phase 
transformation of ferrihydrite to goethite and magnetite (Benner et al., 2002; Hansel et al., 2005; 
Hansel et al., 2004; Tufano and Fendorf, 2008). The model simulations suggest that owing to 
ferrihydrite being preferentially consumed and partially converted to goethite, the apparent 
concentration of goethite in the column remained fairly stable. However, goethite started to be 
consumed under prolonged reduction (Lovley et al., 2004; Postma et al., 2010), especially towards 
the end of the experiment at the column outlet where the concentration of ferrihydrite was 
consistently low (Figure 3(B)), which agreed with measured Fe mineralogy data (Sun et al., in 
preparation). Because the sorption of other ions to ferrihydrite surface impeded the site 
accessibility of Fe(II), magnetite precipitation from Fe(II)-induced ferrihydrite recrystallization 
was limited (Figure 3(A)). However, the stability of magnetite allowed it to persist once formed 
and played an important role in the evolution of dissolved As concentration (discussed later). 
Furthermore, consistent with measured data (Sun et al., in preparation), the model simulations 
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suggest that mackinawite was produced throughout the column following sulfate reduction, 
especially near the column inlet where ferrihydrite was previous concentrated (Figure 3(D)), and 
that siderite was dissolved near the column inlet but precipitated in the other parts of the column 
(Figure 3(E)).  
 
7.4.1.2. The Fate of Arsenic.  
Dissolved As concentration in the column effluents varied by 2 orders of magnitude during the 
experiment (Sun et al., in preparation), and an accurate simulation for all experimental stages was 
difficult (Figure 2(D)). The simulated As breakthrough curve could not reproduce the sharp peak 
(i.e., rapid increase and then decrease) that was observed in the beginning pre-equilibration stage 
of the experiment (Stage I). A possible simple explanation for this discrepancy is that when the 
sediments encountered influents upon initiation of flow, the weaker outer-sphere As complexes 
were physically washed off sorption sites, similar to what was observed at the onset of the abiotic 
column in Tufano and Fendorf, 2008 (Tufano and Fendorf, 2008). This process could not be 
captured by the As surface complexation reactions used in our model. This discrepancy might also 
result from some microbial processes that were activated during pre-equilibration, which can be 
localized and/or transient, were not characterized experimentally, and thus are hard to be included 
in the model. The discrepancy in the As breakthrough curve during pre-equilibration was not 
further explored. Instead the modeling effort was concentrated on reproducing the processes during 
and after nitrate-Fe(II) injection (Stage II to V), and owing to such effort, simulated and measured 
values of both aqueous-phase and solid-phase As concentrations showed a close agreement (Figure 
2(D) and Figure 3(F)(G)(H)). 
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Magnetite and ferrihydrite both precipitated during nitrate-Fe(II) injection (Figure 3(A)(C)). 
Although this freshly precipitated magnetite had nanoparticulate size and should provide large 
adsorption capacity (Sun et al., 2016), experimental data at the end of Stage II suggested that the 
amount of As adsorption on magnetite was limited compared to ferrihydrite (Sun et al., in 
preparation). As suggested by model simulations, the surface sites of magnetite were largely 
occupied by hydroxyl group, and the surface sites of ferrihydrite appeared to be more accessible 
for As at this stage. Experimental data also suggested that a part of sediment As existed as co-
precipitation within the structure of magnetite (Sun et al., in preparation). Magnetite structural As 
is stable under a wide range of pH and redox conditions with As release being possible only in 
conjunction with magnetite dissolution, and thus is important for long-term As immobilization. 
This As co-precipitation has not been included in the numerical model yet. Regardless, given that 
the amount of magnetite structural As was fairly small, the major modeling results discussed here 
should remain, one of which is that ferrihydrite exerted a dominant control on immobilizing 
dissolved As during Stage II (Figure 3(F)(H)). 
 
This As-bearing ferrihydrite, however, was susceptible to microbial reduction (Benner et al., 2002; 
Postma et al., 2010; Poulton et al., 2004). Enhanced by elevated concentration of lactate in Stage 
IV of the experiment, microbial reduction was significant and ferrihydrite was quickly converted 
to other species (Figure 3(C)). Despite of reduction of ferrihydrite, the apparent concentration of 
dissolved As in the column effluents could stay low until ca. PV = 200 (Figure 2(D)), which, as 
suggested by model simulations, was because the release of As from ferrihydrite occurred in 
conjunction with (re)assimilation to other As sequesters. The As (re)assimilation process included 
in the current model was the (re)adsorption to the surfaces of magnetite and goethite (Figure 
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3(F)(G)). The model simulations suggest that, owing to its higher site density (Table 2), magnetite 
was of more critical importance on As (re)adsorption than goethite, which is consistent with 
experimental data (Sun et al., in preparation). 
 
After PV = 200 during Stage V, effluent As concentration slowly trended up (Figure 2(D)). The 
simulated column profiles of pore-water As suggest that dissolved As in the influents was initially 
immobilized near the column inlet, where magnetite persisted (Figure 4). However, the reductive 
dissolution/transformation of As-bearing goethite (and the absence of other As sequesters) along 
the flow path caused dissolved As to build up again and end in the effluents (Figure 3(B)). Because 
it impacts the long-term potential of the nitrate-Fe(II) strategy for remediating groundwater As, 
the trend up in effluent As concentration was an important question asked in the experimental 
study (Sun et al., in preparation), and finally a plausible answer is provided here by the numerical 
model. This model suggests that magnetite does effectively serve as a reactive As filter at where 
it precipitates, although the overall fate of As is co-controlled by many other processes.  
 
As an on-going study, the parameters in this model are currently being refined. Automatic model 
calibration and sensitivity analysis are being conducted using an implementation of Particle Swarm 
Optimization (PSO) code, which was written within the PEST++ YAMR run manager (Doherty, 
2004) and linked with PHT3D, to optimize the model parameters so that the residual between 
measured and simulated values is minimized and to quantify the sensitivity of the model on 
different parameters. Therefore, many parameters in the model reported in this chapter (Table 1 
and 2) are likely to be adjusted upon further modeling effort, the magnitude of adjustment on each 
parameter, however, should be reasonably small.  
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7.4.2. Two-Dimensional Models – Comparison between Different Injection Scenarios 
By using the parameters derived from the above 1D model (Table 1 and 2), field-scale 2D models 
for the nitrate-Fe(II) strategy was also developed and two different amendment injection scenarios 
were compared. Following nitrate-Fe(II) simultaneous injection, magnetite and ferrihydrite 
precipitation were concentrated near the injecting point (Figure 5(A)(B)), consistent with the 
column experiment, in which the minerals precipitated more significantly near the column inlet 
than towards the outlet (Figure 3(A)(C)). Based on densities of ferrihydrite (3.8 g cm-3) and 
magnetite (5.2 g cm-3), the total volume of mineral precipitation should be still low and possibly 
would not significantly alter the porosity and permeability of the aquifer. Nevertheless, the more 
dispersed the precipitation is, the less likely the hydrological properties would be affected and the 
larger area might be remediated. The model simulations suggest that such dispersed mineral 
precipitation can be achieved by injecting nitrate and Fe(II) alternately (Figure 5(D)(E)). 
Compared to the simultaneous injection scenario, alternating injection scenario produces similar 
amount of ferrihydrite but slightly less amount of magnetite (Figure 5(G)(H)). However, the 
advantage of alternating injection to groundwater As immobilization becomes evident when 
comparing the amounts of groundwater As immobilized (Figure 5(I)) and especially when 
comparing the As retardation factors within the amended zone of the aquifer (Figure 5(C)(F)). 
Therefore, the model simulations favor scenarios that rely on the chromatographic mixing of 
nitrate and Fe(II) within the aquifer. Based on simulation results for the alternating injection 
scenario, the adsorption capacity of magnetite and ferrihydrite precipitates from only two pulses 
of nitrate-Fe(II) injection would be sufficient for controlling groundwater As concentrations for 
several years if there was no microbial reduction (Figure 6 and SI Figure S3).  
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7.5. IMPLICATIONS   
Combined with our laboratory studies, this study uses reactive transport modeling to elucidate the 
complex hydro-biogeochemical processes that control Fe redox transformation and As behavior, 
and to up-scale the remediation strategy. The model simulations provide a quantitative description 
of the processes affecting the spatial and temporal changes that evolved during nitrate-Fe(II) 
injection and microbial reduction in the well-controlled column experiment. Additionally, the 
simulations provide a plausible means of evaluating different chemical and operational factors that 
are likely to affect the nitrate-Fe(II) strategy at field-scale and therefore can potentially assist in 
formulating engineering approach for its field implementation. This chapter illustrates that the fate 
of As can be studied and predicted numerically, where biogeochemical processes as well as 
physical transport similarly affect dynamics in As concentrations in waters. It should be pointed 
out that the conceptual and numerical models developed in this chapter should serve as hypotheses 
to be further tested and amended by future detailed pilot field experiments. Nevertheless, both 
experimental and modeling results suggest that a magnetite based immobilization strategy by 
nitrate-Fe(II) injection might be a long-term remedial option for As-contaminated aquifers, and 
that therefore, it deserves additional investigation and optimization.   
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7.7. TABLES AND FIGURES 
 
Table 7.1. Key parameters and kinetic reaction constants in the model. 
 
Parameter Value Unit 
Effective porosity 0.3  
Cation exchange capacity 0.001 mol L-1 
 
Kinetic Reaction Rate Constants 
𝑘𝐹𝑒_𝑜𝑥: Fe(II) (microbial) oxidation by nitrate 8.0 × 10
11 L3 mol-3 s-1 
 
𝑘𝐹ℎ_𝑝𝑝𝑡𝑛: Fh precipitation by nitrate-Fe(II) injection 2.5 × 10
-10  mol L-1 s-1 
𝑘𝑙𝑎𝑐_𝐹ℎ: Fh dissolution by lactate degradation 2.0 × 10
-7 s-1 
𝑘𝐹𝑒𝑆_𝐹ℎ: Fh dissolution by sulfide production 1.0 × 10
-4 s-1 
 
𝑘𝐺𝑜𝑒𝑡_𝐹ℎ: Goet precipitation by ferrihydrite transformation 2.0 × 10
-10 mol L-1 s-1 
𝑘𝑙𝑎𝑐_𝐺𝑜𝑒𝑡: Goet dissolution by lactate degradation 2.0 × 10
-9 s-1 
𝑘𝐹𝑒𝑆_𝐺𝑜𝑒𝑡: Goet dissolution by sulfide production 1.0 × 10
-6 s-1 
 
𝑘𝑀𝑔𝑡_𝑝𝑝𝑡𝑛: Mgt precipitation by nitrate-Fe(II) injection 1.0 × 10
-13 mol L-1 s-1 
𝑘𝑀𝑔𝑡_𝐹ℎ: Mgt precipitation by ferrihydrite transformation  1.0 × 10
-8 s-1 
 
𝑘𝑙𝑎𝑐_𝑁𝑂3−: nitrate reduction to nitrogen 1.5 × 10
-8 mol L-1 s-1 
𝑘𝑙𝑎𝑐_𝑆𝑂42−: sulfate reduction to sulfide 5.0 × 10





Table 7.2. Key surface parameters for ferrihydrite, goethite and magnetite in the model. 
 
Parameter Ferrihydrite Goethite Magnetite 
 
Sorption Site Densities    
Strong site X_sOH 0.005 A 0.0005 0.0025 
Weak site X_wOH 0.2 A 0.02 0.1  
 
Surface Complexation Constants for Hydroxyl Group 
X_sOH/wOH + H+ = X_sOH2
+/wOH2
+ 7.29 B 7.47 B 4.60 B 
X_sOH/wOH = X_sO-/wO- + H+ -8.93 B -9.51 B -8.20 B 
 
Surface Complexation Constants for Arsenite  
X_wOH + H3AsO3 = X_wH2AsO3 + H2O 5.41 
A  
X_wOH + AsO3
3- + 2H+ = X_wHAsO3
- + H2O 31.87 
B  
 
Surface Complexation Constants for Arsenate  
X_wOH + AsO4
3- + 3H+ = X_wH2AsO4 + H2O 29.31 
A  
X_wOH + AsO4
3- + 2H+ = X_wHAsO4
- + H2O 23.51 
A  
X_wOH + AsO4
3- + H+ = X_wAsO4




3- 10.58 A   
 
Note: A: Dzombak and Morel’s numbers (Dzombak and Morel, 1990) and B: Dixit and Hering’s 





Figure 7.1. Conceptual Fe transformation in Dover columns during column experiment. Magnetite 
and ferrihydrite can form following the oxidation of Fe(II) by nitrate. Magnetite is stable under 
microbial reduction. Ferrihydrite, however, is susceptible to reductive dissolution which produces 
dissolved Fe(II); ferrihydrite can also undergo reductive transformation promoted by dissolved 
Fe(II) and convert to goethite or magnetite depending on the concentration of Fe(II). Therefore, 
As adsorption on ferrihydrite are unstable; As adsorption on magnetite is stable. Goethite is also 
susceptible to reductive dissolution/transformation, but the rates are orders of magnitude lower 
than the rates for ferrihydrite.  
 



















Figure 7.2. Simulated and measured results for effluent pH (A), and dissolved concentrations of 
Ca (B), bromide (C), As (D), Fe (E) and nitrate (F), during five experimental stages. Symbols 
represent measured data from Sun et al (Sun et al., in preparation), blue solid lines represent the 
reactive model simulations, and blue dashed lines represent the influent condition (non-reactive 
model simulations). Grey vertical dashed lines in each subplot represents the switches between 







Figure 7.3. Simulated column profiles for Fe concentrations in magnetite (A), goethite (B), 
ferrihydrite (C), mackinawite (D) and siderite (E), and surface As concentrations on magnetite (F), 
goethite (G) and ferrihydrite (H). Column length = 0 cm means column inlet, while length = 20 








Figure 7.4. Simulated column profiles for pore-water As concentrations at the end of Stage I (A), 
II (B), IV (C), and V (D) of the experiment. The corresponding PVs are 38 (A), 76 (B), 124 (C) 








Figure 7.5. Model simulations from nitrate-Fe(II) simultaneous injection scenario (top panel) and 
alternating injection scenario (middle panel), and comparison between the two injection scenarios 
(bottom panel). The distributions of ferrihydrite (A)(D) and magnetite (B)(E), and As retardation 
factor across X-axis at Y = 0.5 m (C)(F), are shown for the two scenarios. Average Fe 
concentrations in ferrihydrite (G) and magnetite (H), and average surface As concentration (I) are 
shown for comparison. Each line in (C)(F) represents each data point in (G)(H)(I), and the color 
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Figure 7.6. Simulated evolution of “breakthrough” groundwater As concentration following 
nitrate-Fe(II) alternating injection. The “breakthrough” concentration is the groundwater As 
concentration averaged over Y = 0 - 5 m at the east boundary of the 2D aquifer (at X = 30 m). The 
red bar represents the groundwater As concentration if no injection (i.e., 100 µg L-1). 
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Table S7.1. Model parameters for 2D model setup. 
 
Parameter Value Unit/description 
Model length (x-axis) 30 m 
Model width (y-axis) 15 m 
Grid spacing Δx 1 m 
Grid spacing Δy 1 m 
Effecitve porosity 0.3 [-] 
Local dispersivity 0.2 m 
Average hydraulic conductivity (K) 12 m day-1 
Standard deviation (log10) of K 0.5 [-] 
Groundwater velocity 25 m year-1 
Groundwater As concentration 100  µg L-1 
Injection well location x 10.5, y 0.5 m, m 
Injection rate 30 m3 day-1 
Total simulation time 4775 days 
Step size for the first 25 days 0.25 day  
Step size for the rest 4750 days 2.5 day  
 
Iron(II)-nitrate simultaneous injection 
1st event: nitrate-Fe(II) injection Day 5 and Day 6  
2nd event: nitrate-Fe(II) injection Day 15 and Day 16 
 
Iron(II)-nitrate alternating injection 
1st event: nitrate injection Day 5 and Day 7  
1st event: Fe(II) injection Day 6 and Day 8  
2nd event: nitrate injection Day 15 and Day 17  





Figure S7.1. Hydraulic conductivity (K) field with anisotropy, in log scale, for the 2D models. 




Figure S7.2. Simulated column profiles for the column experiment. Column length = 0 cm means 
column inlet, while length = 20 cm means outlet. The color of the lines represent the time, with 





Figure S7.3. Simulated evolution of groundwater As concentration following nitrate-Fe(II) injection with 
simultaneous injection scenario (top panel, A-D) and alternating injection scenario (bottom panel, E-H) to 
an aquifer after 50 days (A)(E), 500 days (B)(F), 1490 days (C)(G), and 3670 days (D)(H). Groundwater 
As plume contains 100 µg L-1, and groundwater flow direction is from west to east (horizontal to x-axis).  
 











































8.1. Broader Implications of the Findings from this Dissertation. 
In this dissertation, we have focused our efforts on the geochemistry and remediation of two As-
contaminated U.S. National Priorities List (NPL, “Superfund”) sites – the Dover Municipal 
Landfill and Vineland Chemical Company site. The research performed in this dissertation 
explored the potential of two distinct and promising approaches of enhanced remediation for 
groundwater As contamination: (1) the in situ formation of Fe minerals including magnetite to 
sequester dissolved As as a dispersed reactive filter, and (2) the use of oxalic acid to enhance As 
mass transfer to accelerate pump-and-treatment remediation. Novel and useful approaches such as 
these need development for the remediation of Superfund sites — As contamination is currently 
an extensive problem and found in 823 out the total 1739 NPL Superfund sites (ATSDR, 2013; 
EPA, 2002) — and a host of other As-impacted environments.  This dissertation indicates that both 
approaches may be useful at the Dover and Vineland sites, but most sites have been evaluated for 
these new methods explicitly. What we have learnt from the research in this dissertation can 
potentially be generalized to many As-contaminated sites, and the combinations of the two 
enhanced remediation approaches may be useful at different types of As-contaminated sites or for 
different portions of one site. Here, we consider these remediation approaches generally, and 
perform scenario modeling for a hypothetical site to better determine how these potential methods 
would be effectively implemented (Figure 1). 
 
At most sites with groundwater contamination, groundwater contamination originates from a 
source area and forms a plume that is advected, in fact the potential for this plume to be advected 
away from the site in the end is a determinant in the evaluation of risk at a site, and in the definition 





well-defined As source, and instead have a source of organic matter that leads to reducing 
conditions, and the release of sediment bound As into groundwater, which then can form the 
plume. For a conceptual generalized site in Figure 1(A), the “aquifer” at the site has a high As 
source which contaminates the surrounding groundwater; as the contaminated groundwater 
migrates away from the source, dissolved As concentration may initially become low; but when 
the groundwater reaches the reducing portion of the aquifer, dissolved As concentration is elevated 
again due to the reduction of local As-containing Fe(III) minerals. To remediate groundwater As 
contamination in such a system, it is necessary to minimize the source contribution of As or organic 
matter, and prevent plume migration.  In most cases, this means that the source is excavated and/or 
isolated from water flow, and that the plume is contained by altering the groundwater flow regime 
through forced pumping, and potentially cleaned using pump-and-treat methodologies.  
 
To apply the approaches proposed here, it would be most effective to: (i) to use oxalic acid 
enhanced pump-and-treat at the source, to minimize the high As source as much as possible, and 
(ii) to perform nitrate-Fe(II) injection(s) in the reducing portion of the plume and fringe, to 
sequester and stabilize As within the aquifer sediments (Figure 1(B)). The use of the enhance 
pump-and-treat would efficiently remove the reactive portion of the high As source from the site 
and prevent continued contamination via that source. The use of nitrate-Fe(II) injections would 
produce Fe minerals including magnetite, which is relatively stable under microbial reduction 
within aquifers and can achieve long-term in situ As immobilization. To ensure the mineral 
precipitates can serve as a reactive filter and effectively sequester the dissolved As from the 
groundwater before it migrates off-site, the nitrate-Fe(II) injection(s) should be conducted at the 






Figure 8.1. A conceptual As-contaminated aquifer (A) and potential remediation plan (B). The 




8.2. Budget for Implementing the Nitrate-Iron(II) Strategy. 
Most of the current groundwater As remediation approaches require relatively high cost for 
implementation and/or operation. The synthesis of the research in this dissertation not only should 
























































improve our understanding of how As-contaminated aquifers can be remediated, but also provide 
cost-effective approaches for remediation. The advantage of oxalic acid enhanced pump-and-treat 
is obvious, in that (i) the enhanced approach mobilizes sediment As much more quickly than the 
traditional approach and thus reduces the operational time necessary for cleaning up the 
contamination, and (ii) oxalic acid is relatively inexpensive. The nitrate-Fe(II) strategy is also 
much less expensive compared to the other common approaches. Although specific sites will have 
widely different characteristics and thus costs, we can evaluate costs for a modestly-sized 
Superfund site similar to the Dover Landfill site (the footprint of the landfill is 47 acres and the 
depth of upper hydrostratigraphic unit is ~ 60 feet (EPA, 2011)). Such a contaminated aquifer 
could have an average groundwater As concentration of 100 µg L-1 and a volume of 200,000 square 
meter (area) x 20 meter (depth). For excavation of the problematic high As-containing materials 
which account for even just 5% of the aquifer, it would cost $20,000,000 assuming the average 
unit price is $100 per cubic meter (Khan et al., 2004). Pump-and-treat remediation can require 
decades to reach target clean up levels. Based on the average annual cost from 79 Superfund sites 
reporting costs in a survey in 2001 (EPA, 2001), typical installations cost millions of dollars and 
annual operation and maintenance alone cost around $570,000, thus pump-and-treat methods are 
quite costly over the long term. To implement the nitrate-Fe(II) strategy for in situ As 
immobilization, assuming 10 injections from 10 different (new) injection wells following flow 
path would be needed, the entire action would only cost $530,000 (Table 1). Unlike pump-and-
treat, such nitrate-Fe(II) approach produces a reactive filter underground after injection, and does 
not require additional off-site treatment(s). Monitoring will be an additional expense for such 






Table 8.1. Cost for implementing the nitrate-Fe(II) strategy at an As contaminated site, with 
an average groundwater As concentration of 100 µg L-1 and a volume of 200,000 square 
meter x 20 meter. 
 
Item Price per unit # Units needed Price 
 
Drill injection wells $40,000 each 10 $400,000 
 
Reusable equipment    
Pumps $20,000 each 2 $40,000  
Air-tight bags $1,000 each 10 $10,000 
Tubing and other supplies $2,000 each 10 $20,000  
 
Chemical amendment    
Ferrous sulfate $300 per ton 20A $6,000 
Sodium nitrate $200 per ton 20A $4,000  
 
Labor for the injection  $500 per person per day  100 $50,000 
 
Total cost   $530,000 
 
Note: A: the number is set to be big, to include the potential lost due to precipitation in container 
and tubing, and heterogeneity and other complexities of the aquifer.  
 
 
It needs to be pointed out that this approach does not remove the reducing capacity at the site, and 
thus sediment As could continue to be released over time following treatment. Fortunately, the 
precipitates from the nitrate-Fe(II) amendment appear to be successful in adsorbing additional As 





decomposition occurs. Because the As from sediments in the reducing portion of the aquifer might 
continue releasing into groundwater and then loaded on the magnetite based “reactive filter”, re-
injection might be required at some point to regenerate this reactive filter. The Superfund sites 
usually already have existing well monitoring systems, and therefore any increase in groundwater 
As concentration will be detected in time and call for action of re-injection. In addition, the 
numerical modeling method (Chapter 7) could also potentially assist in predicting the time frame 
for planning re-injection. Based on this dissertation (Chapter 6 and 7), if carefully designed, this 
nitrate-Fe(II) approach could control groundwater As concentration under the safe level for many 
years. The nitrate-Fe(II) approach, therefore, would be a relatively cost-effective way of 
remediating groundwater As problem.  
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